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Formation of Anodic Oxide Films on Cathodes 





D. A. VERMILYEA 


General Electric Research Laboratory, Schenectady, New York 


ABSTRACT 


The total voltage applied across an anodic film during its formation consists of the 
voltage applied to the cell minus any polarization voltage at the cathode and resis- 
tive drop in the electrolyte, plus the potential of the electrochemical reaction. It is shown 
that, because of the latter potential, it is possible to form an oxide film on tantalum 


even when the tantalum is considerably negative with respect to a hydrogen electrode. 


INTRODUCTION 


In a previous paper (1) the calibration of an op- 
tieal step gauge for estimating the thickness of 
anodic TaeO, films was described. The step gauge 
was made by anodizing specimens of tantalum to a 
series of voltages, the temperature and current den- 
sity being held constant. Under these conditions it 
was found from weight change measurements that 
the thickness of the oxide film was directly propor- 
tional to the applied voltage. It was also found that 
the plot of thickness against applied voltage had a 
small positive intercept on the thickness axis. Since 
specimens used for the calibration were probably 
covered initially with a thin air-formed oxide film, 
no additional oxide would be formed upon anodiza- 
tion until the voltage equivalent to the thickness of 
the initial film was exceeded. It was expected, there- 
fore, that no weight increase would be observed 
below a certain voltage and that the thickness vs. 
voltage plot. would have a small negative intercept 
on the thickness axis. It was suggested that the 
positive intercept was the result of the voltage of 
the electrochemical reaction occurring in the cell. 
‘ince there was a considerable amount of experi- 
mental uncertainty in the intercept obtained from 
the weight measurements, it was decided to make a 
lurther study of the formation of anodic films in 
the region of zero voltage. 


EXPERIMENTAL 


The material used in these experiments was 0.004 
in. rolled tantalum sheet obtained from Fansteel 
Metallurgical Company. All specimens were chem- 
ically polished in a mixture of 5 parts by volume 95 % 
HS0,, 2 parts 70% HNOs, and 114 parts 48% 
HF before use. The solutions used for anodizing 
Were 2"% HNO; and 2% NaOH. 

Fig | shows a wiring diagram of the apparatus, 
whic! ‘onsisted of a type 650A General Radio 
mpecnce bridge, an ammeter, and a potentiometer, 


Ol low resistance in series with the reaction cell. 


iscript received February 23, 1954. 


The potentiometer, shunting a storage battery, 
provided a means of varying the voltage applied 
across the cell. 

At the start of an experiment, a specimen of tan- 
talum was attached to the specimen holder ready to 
be placed into the electrolyte, and the potentiom- 
eter was adjusted so that the tantalum was at a 
potential of —2 to —3 volts with respect to a plati- 
num electrode in the electrolyte. The specimen was 
then dipped in 48 % HF for a few seconds to remove 
any existing oxide film, and then immediately im- 
mersed in the electrolyte without removing the HF 
which clung to the specimen. The capacity was then 
measured as a function of voltage, starting with 
negative voltages and measuring the voltages be- 
tween the tantalum and a calomel reference elec- 
trode, using a vacuum tube voltmeter. 

The oxide film thickness calculated from the re- 
ciprocal of the capacity may be in error for several 
reasons. In the first place, the measured capacity 
is that of the tantalum oxide film in series with the 
double layers in the electrolyte near the anode and 
cathode. The cathode used was platinum with an 
area of about 100 cm’. The capacity of the double 
layer near platinum was found by direct measure- 
ment to be about 20 uf/em?, so that the total capacity 
of the cathode double layer was about 2000 uf. The 
largest capacity measured in the experiments was 
about 100 uf, so that a maximum error of 5% in the 
reciprocal of the capacity was introduced by the 
cathode double layer. The capacity of the anode 
double layer cannot be measured directly since it is 
in contact with the oxide film whose capacity is not 
precisely known. The reciprocal of the measured 
capacity is, therefore, larger than the reciprocal of 
the capacity of the tantalm oxide film by an un- 
known amount. 

The second difficulty in estimating thickness from 
capacity measurements is that the dielectric constant 
of the film has been found to be a function of the 
field present in the oxide film during formation and 
also of the field applied during the capacity measure- 
ment. Temperature of measurement also introduces 
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some variation in the capacity of a cell, but these 
experiments were all conducted at room temperature. 
The maximum variation in capacity observed from 
these causes is approximately 5%. 


4 VOLTS 
] 
—) 
) | 4 OHMS 
IMPEDANCE OF— 
BRIDGE | REACTION 


Fic. 1. Schematic wiring diagram 


Because of the errors involved, therefore, no at- 
tempt was made to calculate the actual film thick- 
ness, and only the reciprocals of the measured capaci- 
ties are reported. For a rough estimate, however, 
the thickness may be calculated from the formula 


X = 236C— 


where X is the thickness in angstrom units and C 
is the capacity in microfarads. This formula is cal- 
culated using a dielectric constant of 25 (2), an 
average value obtained from many measurements 
of capacity and optical thickness of anodic films 
formed at different temperatures with different 
applied fields. The area of the specimens used was 
approximately 1 em’. 


RESULTS AND Discussion 

Fig. 2 and 3 show plots of the reciprocal of the 
capacity against voltage for formation in 2% HNO; 
and 2% NaOH, respectivel:. In these figures, volt- 
age refers to the voltage which would have existed 
between the tantalum and a standard hydrogen 
electrode. Voltage values were obtained by adding 
0.28 volt (the potential of the normal calomel elec- 
trode on the hydrogen scale) to observed voltages. 
Also indicated in each figure is the direction of cur- 
rent flow, “‘negative’ indicating that the current 
flow would liberate hydrogen at the tantalum elec- 
trode, “‘positive’ indicating that hydrogen would 
be liberated at the platinum electrode. 

It may be seen from the figures that the reciprocal 
of the capacity is a linear function of voltage even 
in the region where the tantalum potential was 
considerably negative on the hydrogen scale, and 
even though the current was in the direction to lib- 
erate hydrogen at the tantalum. The fact that an 
oxide film has actually been formed at these nega- 
tive potentials was established by decreasing the 
potential at several points and again measuring the 
capacity. Values obsained in this manner are also 
shown in the figures. It may be seen that some de- 
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For a gi voltage decrease the reciprocal of the 
nacity cccreases by roughly the same amount at 
thicknesses, however, and does not follow the 


‘ vinal curve of Co! vs. V. Since the increase in 
jproca capacity at negative voltages is not re- 
onible, therefore, and since the values obtained 
.on the same straight line as do those obtained at 
vctive voltages, it is concluded that an oxide film 
: < been formed. 

{ rhese results may be explained as follows. When 
the tantalum electrode is made negative with respect 
» the platinum in the electrolyte, distribution of 
notential is presumed to be as shown schematically 
: rig. 4. A large drop in potential occurs due to 
oxvgen overvoltage at the platinum and a much 
gnaller one (negligible at the current densities 
employed here) as JR drop in the electrolyte. At 
‘he tantalum electrode two reactions are possible, 
evolution of hydrogen and formation of tantalum 
oxide. The equation for the latter may be written 


‘Ta + 5HLO — TaOs + 10H* + 10e 


E, = —0O.81 volt 


When the tantalum is covered with an oxide film, 

it is in these experiments, activity of the tantalum 
s probably very small, so that the potential for 
the reaction will be less negative than 0.81 volt, 

d is designated in Fig. 4 by Vx. It is supposed 
that this potential difference occurs across a very 
thin double layer in the solution next to the tantalum 
oxide film. It may be seen from the figure that, 
ithough the tantalum is negative with respect to 
the bulk of the solution, it is positive with respect 
to the solution immediately in contact with the 
tantalum oxide film, so that the field in the oxide 
iim is in a direction to cause tantalum ions to move 
out through it to react with the water and form 
iaitalum oxide. When the voltage applied to the 
tantalum is increased (made more positive or less 
uegative), the potential of the tantalum with respect 
io the solution also increases, so that the field across 
the oxide film increases. On raising the voltage, there- 
lore, the oxide film will increase in thickness at a 
rapidly deereasing rate, and will practically stop 
srowing when the field has been reduced to about 
1.05 volt per angstrom unit, which takes only a few 
seconds when the total thickness is very small. At 
the same time, since the oxide film is so very thin 
0.0 volt would correspond to approximately 10 A), 
‘lls possible for electrons to tunnel from the tantalum 
\o hydrogen ions in the solution through the oxide 
lim and the potential barrier in the solution and 


thus form hydrogen gas. As the voltage is increased, 
| woul be expected that the negative current, 
that is he eurrent flowing in the direction to liberate 
hydro at the tantalum, would decrease and that 
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anodic oxidation of tantalum. 


there would be a positive current (to form oxide) 
until the oxide film grows to the thickness cor- 
responding to the new voltage. Total current should 
therefore decrease sharply, then increase as the 
positive current dies away. The current does actually 
behave in this manner when the voltage is increased, 
the transient occurring in a few seconds. (The circuit 
time constant is less than 0.1 sec.) Also, as the voltage 
is increased so that the oxide film grows, the capacity 
should decrease rapidly at first, reaching a stable 
value in a few seconds; this, too, is actually observed. 

The intercepts on the voltage axis of the plots 
of the reciprocal of the capacity vs. voltage are 
—().72 and —1.38 volts for the 2% HNO, and 2% 
NaOH solutions, respectively. This change in inter- 
cept is due to the change in pH from 0.6 to 13.5, 
which should produce a change of 0.76 volt. The 
theoretical value is in reasonable agreement with 
the observed shift of 0.66 volt. The reaction voltage 
for the tantalum electrode with unit tantalum ac- 
tivity in the acid solition would be —0.85 volt. 
The actual reaction voltage cannot be more nega- 
tive than the intercept of the C~' vs. V plot, or 
—0.72 volt. Also, the observed intercept is probably 
more negative than it should be, since the recipro- 
cals of the double layer capacities should be sub- 
tracted from each measured value of C~'. However, 
the reaction voltage must be at least —0.41 volt, 
the lowest voltage at which capacity measurements 
were made. Thus, the actual reaction voltage is 
between —0.41 and —0.72, considerably smaller 
than the potential for unit activity of tantalum. 
In the basic solution, actual reaction voltage is 
between —1.12 and —1.38, in comparison with 
the potential for unit activity of tantalum, —1.61 
volts. If the entire decrease in reaction voltage below 
the value for unit activity of tantalum must be 
ascribed to a low tantalum concentration, the re- 
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quired activity would be less than 10-", probably 
by several-orders of magnitude. It seems unlikely 
that the concentration of excess tantalum in the 
oxide film is really that low, and an alternative ex- 
planation is that there is some small overvoltage 
accompanying the reaction. 


SUMMARY 


Tantalum oxide may be formed on tantalum when 
the potential of the tantalum on the hydrogen scale 
is considerably negative, and even though the total 
current is in the direction to liberate hydrogen at 
the tantalum. It seems probable that the reason 
for this behavior is that the voltage of the electro- 
chemical reaction to form tantalum oxide must be 
added to the applied voltage. When this is done it 
is found that there is a field in the oxide film in the 
direction to form more oxide even when the tantalum 
potential is negative. Because the oxide film is very 
thin, however, electrons can tunnel from the tan- 





talum to hydrogen ions in the solution t! rough y, 


oxide and any potential barriers in the s lution . 
that hydrogen gas is liberated. The ma nitude of 
the voltage of the electrochemical reactic., to fom 
tantalum oxide is much less than the {heopes;, 

value for unit tantalum activity, and it may be tha 
some overvoltage accompanies the reacti: 
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‘0 Corrosion of Aluminum in Potassium Chloride Solutions 


I. Effects of Concentrations of KCl and Dissolved Oxygen! 


W. Beck,’ F. G. Kermn,* ann R. G. Goup* 


Lehigh University, Bethlehem, Pennsylvania 


ABSTRACT 


The corrosion of aluminum was studied by weight loss measurements in 0.0001N 
to IN neutral electrolyte solutions at constant temperature. Oxygen concentration 
in these solutions was varied over a wide range either by bubbling the gas through 
the solution or by increasing the partial pressure above the solutions. 


Weight loss increased with time and increasing oxygen concentration, but decreased 
with increasing electrolyte concentration. The electrode potential increased in anodic 
direction with time and increasing electrolyte concentration. Chloride solutions were 
more aggressive than any other solutions used. Hydrogen peroxide, which might have 
been a corrosion accelerator in experiments under high oxygen pressure, was found 


absent in all cases. 


Results are discussed in the light of the electrochemical theory of corrosion. The 
relation of oxygen solubility in potassium chloride solutions to corrosion is also dis- 


cussed. 


INTRODUCTION 


The questions of how and to what extent the 
orrosion of aluminum and its alloys in neutral 


electrolyte solutions is affected by increasing the 


oncentration of dissolved oxygen ‘are of consider- 


ible theoretical and practical significance. It is 


understandable, therefore, that a number of in- 
vestigators have contributed to the study of this 


problem. The results of these investigations have 


been summarized as follows (1). In most aqueous 


solutions Al base alloys are relatively insensitive 


to the concentration of dissolved oxygen. In general, 


high concentrations of dissolved oxygen tend to 


stimulate attack somewhat, especially in acid solu- 


tions 


.Some authors have reported that they 


succeeded in arresting the corrosion of Al and Al 
base alloys almost completely by deaerating such 


aggressive solutions as sea water, KCl and NaCl 
solutions (2). It has been shown further that the 
weight loss of an Al-Cu alloy was increased by rais- 


ing the partial pressure of oxygen above a dilute 
NaCl solution (3). 

The experiments just mentioned indicate that 
the corrosion of Al and Al alloys in solutions con- 
taining certain alkali chlorides can be stimulated by 
increasing the concentration of dissolved oxygen. 


Howe 
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T, experimental results secured up to now 
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are not sufficient to disclose the mechanism which 
controls the accelerated corrosion rate brought about 
by increased oxygen concentration. 

Moreover, the aforementioned investigations were 
carried out in sea water or in NaCl and KC! solu- 
tions of various concentrations, but no attempt was 
made to separate the corrosive effect of the electro- 
lytic concentration from that of the oxygen con- 
centration. Most of the studies were made on Al 
base alloys with a complex structure, which makes 
the interpretation of corrosion data rather difficult. 

Since many questions have arisen from the 
previous investigations, the following corrosion 
experiments were undertaken to add to the knowl- 
edge of the corrosion of Al. 


EXPERIMENTAL METHODS 


Commercially pure Al (Al 280), 08% Fe, 
0.01 %Cu, and 0.14%8i, and high purity Al from 
two lots with 0.12% and 0.03% impurities (pre- 
dominantly Fe) were used in these experiments. 

All test samples were punched from sheet material 
0.33 mm thick in the form of disks with a total area 
of 40.50 cm*. The disks were degreased, etched in 
0.3N NaOH, wiped with a rubber policeman under 
running water (4), rinsed in distilled water, and 
dried at 110°C. 

Specimens were kept in a desiccator until they 
were weighed, which was immediately before immer- 
sion in the electrolytic solution. Every specimen was 
pretreated in exactly the same manner. 

After the desired time of immersion, the corrosion 
products were removed by cleaning the specimens 
at 90°C in a solution which consisted (5) of 170 ¢g 
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H;PO, and 80 g Cr.O; dissolved in 300 g distilled 
water, and diluted with water in a ratio of 1:5. 
After this treatment, the specimens were washed in 
distilled water, dried in an oven at 110°C, and cooled 
in a desiccator before weighing. Uncorroded speci- 
mens lost less than 1 mg in the cleaning solution. 
All experiments were conducted in a water bath with 
the temperature controlled at 35° + 0.5°C. 

Chemicals used in the preparation of the solutions 
were of C.P. grade. Electrolytic oxygen was em- 
ployed. The nitrogen contained traces of oxygen as 
an impurity. 

Oxygen concentration in the solutions was con- 
trolled in two ways. In the first, oxygen was bubbled 
into the solution through a fritted Pyrex glass cru- 
cible, with a flow rate of 0.075 |/min, to saturate 
the solution. In these experiments, the Al disks 
were suspended vertically at the same depth in a 
t-liter beaker in such a way that no gas bubbles 
could come in contact with the specimens. 

In the second method, the partial pressure of 
oxygen above the solutions was increased by placing 
specimens suspended in 375 ml of electrolytic solu- 
tion within an autoclave. The autoclave was flushed 
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high oxygen pressure. (A)', insulating material; (B), bush- 
ing; (C), to potentiometer; (D), gauge; (EF), valve; (F), 
pressure gauge; (C and G), to potentiometer; (H), 0.001N 
KCl + agar; (1), plastic sheet for mounting specimen; (J), 
100 ml beaker filled with corroding KCl solution; (K), Al 
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several times with oxygen and the pressur: 










as Ie¢ 

to the desired value for that experiment. {he ” 
ing operation took 10 min. The pressur: fo; each 
run was held constant at its original va) ie. Cange 
pressures up to 325 psi were obtained in this manne 
for exposures of 5-200 hr. 

The electrode potentials of the corroding speci. 
mens were obtained with a 0.1N HgeCl, refereng 





electrode and a Leeds and Northrop Type K potey. 
tiometer. The reference electrode was connected 
the corroding solution by a salt bridge filled with , 
stiff agar jelly to avoid diffusion of electrolyte. J) 
tails for the potential measurements under hig), 
oxygen pressure are shown in Fig. 1. 

The potential of the 0.1N HgeCl: electrode wa 


measured against another standard electrode befoy 






























































starting and after completion of a run to see if } 
was 











pressure sensitive or underwent. irreversih) 
change. The change of the relative potential of th 
HgoCl. electrode was very slight and could be neg 
lected. 


The concentration of oxygen dissolved in th 









solutions when this gas was bubbled into them was 
determined by the Winkler (6) method. The resisti 
ity of solutions, with several concentrations of ele 











trolyte before and after corrosion experiments, was 
measured by means of a commercial dip cell and » 
electronic device. 
RESULTS 

The weight loss measured throughout an initia 
period of about 5 hr was very small and not suffi 
ciently reproducible. Reproducibility improved afte 
this period, but it remained poor in experiments 
made in 0.0001N and 0.001N solutions. Reproduc 
bility improved with increasing electrolyte concen 
tration. The maximum deviation from the arith 
metic mean value of measurements for 0.01, 0.1, and 
IN solutions, when made after 5 hr had elapsed 
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Fic. 2. Effect of time on weight loss of commercial!) 
pure Al. Partial pressure of oxygen, 150 psi; temp: rature 
35° + 0.5°C.; O, 0.0001IN KCI; 0, 0.001N KCI; @, 0.1\ 
KCI; A, 0.1N KCl; X, IN KCI 
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hig. 3. Effeet of time on weight loss of commercially 
pure Al Solutions saturated at 35° + 0.5°C by bubbling 
075 | of oxygen per minute through solution. 0, 0.001N 
KCL: A, O.1N KCI 


wmained below 10%. Weight loss values for 0.0001 
and 0.001N solutions, plotted in curves reproduced 
below, were averaged over at least 6 measurements; 
for less dilute solutions they were averaged over at 
east 3 measurements. The reproducibility obtained 

» runs made under high oxygen pressure was slightly 
siperior to that in the experiments with bubbling 
oxygen. 

The dependency of the weight loss on time found 
on specimens of commercially pure Al, corroded 
under a partial pressure of 150 psi oxygen above 
KC] solutions of various concentrations, is shown 

Fig. 2. With increasing time the rate of increase 
in weight loss became progressively slower and 
finally approached a constant value. The rise of the 
veight loss-time curves was less rapid in 0.01 and 
).1N solutions than in 0.0001 and 0.00LN solutions, 
uid the rise was least marked in the LN solution. 

The almost steady values of weight loss dropped 
continually with higher electrolytic concentration 
7). Up to about 25 hr the same weight loss was 
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Fy ffeet of concentration of KCl on weight loss of 
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Fic. 5. Change of weight loss of commercially pure Al 
with increasing partial pressure of oxygen. Exposure, 72 


hr; temperature, 35° + 0.5°C. @,0.01N KCl; A, 0.1N KCI; 
<x, IN KCl. 


found in 0.0001 and 0.001N solutions; the same 
held true for 0.01 and 0.1N solutions. 

Effect of time on weight loss of specimens im- 
mersed in KCl solutions with bubbling oxygen is” 
depicted in Fig. 3. 

The trends of the curves reproduced in Fig. 3 are 
With bubbling 
oxygen a lower weight loss was obtained in higher 
KCl concentration, but this was smaller than that 
under 150 psi oxygen. Fig. 4 shows the decrease in 
weight loss with increasing KCl concentrations for 


similar to those shown in Fig. 2. 


various exposure periods. 

Corrosion products formed in KCl under high 
oxygen pressure or with bubbling oxygen were either 
distributed colloidally or were present as a white 
fluffy precipitate. They were completely dispersed 
colloidally in 0.0001 and 0.001N KCI solutions, 
while in the 0.01N solution they were partly dis- 
tributed colloidally and partly precipitated. The 
0.1 and 1N solutions were water clear with a precipi- 
tate present. The dispersed phase precipitated on 
addition of KCl when the concentration reached 
0.05N KCl. The coagulation rate was slow but after 
a number of hours the originally turbid solution 
became water clear. A colloidal solution or precipitate 
formed at a very early stage of the corrosion process. 

The surface of specimens corroded in 0.0001 and 
0.001N solutions appeared dark and brownish. Such 
a dark layer was formed at a very early stage of 
the corrosion process. In contrast to this, the surface 
of the specimens corroded in 0.1 and 1N solutions 
appeared very light. 

Pitting was found on all corroded surfaces. How- 
ever, specimens exposed in 0.1 and 1N solutions 
appeared more pitted than those immersed in 
0.0001 and 0.00LN solutions (8). 

The effect of the partial pressure of oxygen is 
shown in Fig. 5. 

Exposure was 72 hr because in the runs with 150 
psi oxygen (Fig. 2) it was found that at this time 
the weight loss had reached a steady or almost 
steady state. Weight loss at a pressure of about 14.7 
determined in solutions 


psi was saturated by 
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Fic. 6. Effeet of concentration of dissolved oxygen on 
weight loss of commercially »ure Al. Exposure, 72 hr; 


temperature, 35° + 0.5°C.; @, 0.01IN KCl; A, 0.1N KCl. 


bubbling oxygen through the solution at a constant 
rate. 

Note that in all cases the weight loss increased 
with rising oxygen pressure but it decreased with 
increasing electrolytic concentration. The lines il- 
lustrating the dependency of the weight loss on the 
oxygen pressure became less steep with higher KCl 
concentration. 

The concentration of oxygen dissolved in water, 
in equilibrium with a given partial pressure of this 
gas above the liquid phase, can be found in the 
literature (9, 10). The saturated concentration of 
oxygen in KCl! solutions up to a concentration of 
0.1.N is almost entirely independent of the electrolyte 
concentration. Due to that, the weight loss measured 
in a 0.1N or in more dilute KC! solutions can be 
plotted against the equilibrium concentration of 
oxygen (Fig. 6). The curves rose noticeably when 
the oxygen concentration was increased from 3.3 mg 
in 100 ce solution to approximately 7 mg. The former 
concentration is the concentration of oxygen in water 
of 35°C under a partial pressure of this gas of 14.7 
psi (11). The latter was produced in water of 25.9°C 
by a partial pressure of 27.2 psi oxygen.® The weight 
loss plotted for 3.3 mg oxygen in 100 ce solution, 
was determined for specimens exposed in 0.01 and 
0.1N KCI solutions at 35°C under normal atmos- 
pherie conditions. The weight loss rose noticeably 
when the concentration was raised up to approxi- 
mately 12 mg oxygen in 100 ce solution (being in 
equilibrium with 46 psi oxygen at 25.9°C). Increasing 
the oxygen concentration above this value brought 


* Values for the equilibrium concentrations of oxygen in 
the corrosion experiments were in reality something lower 
than those given in Fig. 5. The temperature at which these 
concentrations were determined was 25.9°C, while the cor 
rosion experiments were conducted at 35°C (9) 
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TME IN HOURS 
Fic. 7. Effect of time on weight loss of commerc 
pure Al. Temperature, 35° + 0.5°C; , partial press 
of oxygen, 150 psi; 4+r+r+, partial pressure of nitrogey 
150 psi; X, IN KCl. 
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TIME IN MINUTES 
Fic. 8. Effect of time on the potential of commercia 
pure Al recorded at 35° + 0.5°C. , partial pressure 
oxygen, 150 psi; , Solution saturated by bub! 
oxygen. 0, 0.001IN KCl; A, 0.1N KCl; X, IN KC! 


about only a comparatively slight increase of weigh! 
loss. 

Numerous measurements were made on specimens 
corroded under identical conditions, but in a number 
of runs the specimens were exposed in a horizonta 
and in a vertical position. Differences in weight 
loss found in these runs were within the limits 0! 
the experimental error. 

Experiments with nitrogen under a pressure 0! 


150 psi were made in a IN KCl solution. Fig. ( 
shows that up to 145 hr the weight loss in the exper 


} 


ments with oxygen was higher than in those wit! 
nitrogen. However, it increased continuously 
nitrogen. 


Potential measurements.The reproducibility © 
electrode potential measurements was within +!) 
mv when made in 0.01, 0.1, and 1N solutions, bu' 


was less in 0.0001 and 0.001N solutions. The pote? 









tials are the averages from 4 measurements take! 
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Fic. 9. Effect of time on the potential of commercially 
ure Al recorded at 35° + 0.5°C. 
xvgen, 150 psi; solution saturated by bubbling 
xvgen; O, 0.000IN KCl; 0, 0.001IN KCl; A, 0.1N KCI; 
x IV KCI 


, partial pressure of 


from 4 separate potential records. Fig. 8 gives time- 
potential curves for less than 120 min. Zero time is 
the commencement of potential measurements after 
the flushing operation was completed. The curves 
reveal a marked shift of potentials in anodic direc- 
tion with higher electrolytic concentration and a very 
sow rise of the potential-time curves in the same 
direction. The potential is plotted against time up to 
0 hr in Fig. 9. 

Fig. 9 discloses again that with increasing time and 
KC] concentration the potentials became more 
modic. The increase of the potentials in anodic 
lirection in the solutions 0.1N or less was more 
rapid than that in the LN solution. Trends of the 
potential-time curves based on measurements made 
under the condition of bubbling oxygen are very 
similar to those derived from measurements under 
high oxygen pressure. The potential-time curves 
resulting after a 10-hr period had very irregular 
trends and, therefore, were not reproduced in Fig. 9. 

Other factors—The oxygen pressure, concentra- 
tion ot KCl, and time were varied over a wide range, 
and the solutions were analyzed for HO». This sub- 
stance could not be detected by the titanium sul- 
late or prussian blue tests in any of the solutions (12). 
in order to determine if H.O. was decomposed by 
high oxygen pressure, a number of beakers filled 
with a IN KCI solution containing 0.1 and 1% 
HO» were put in the autoclave. Runs were made 
under oxygen pressures of 150 and 325 psi for 72 
ir. Solutions of the same KCl and H.O, concentra- 
lions were kept under the same conditions of time 
and temperature in the atmosphere. The concentra- 
tion of H»O. decreased considerably in the atmos- 
pherie runs but did not diminish in the solutions 
under high oxygen pressure. 

Weight loss in NaCl solutions was the same as in 
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TABLE I. Weight loss of commercially pure and high purity 
Al in a 0.01N KCl solution 


Exposure: 72 hr; temp: 35° + 0.5°C 


Weight loss in mg/specimen: 


c 


Al content of specimen, % 
Normal atmospheric 


Partial pressure of 
conditions 


oxygen, 300 psi 


approx. 99.1* 8 31 
99.88 approx. 5 6 
99.97 0 0 


* Commercially pure Al. 


TABLE II. Effect of corrosion of commercially pure 
Al on resistivity 


Partial pressure of oxygen: 150 psi; temp: 35° + 0.5°C 


Specific resistivity, ohms: 
Normality of KCl 


olutions : : 
7 After immersion 


Before immersion . 
— period of 48 hr 


0.0001 6.3 X 10% 5.8 X 10° 
0.001 6.5 X 10% 6.2 X 10° 
0.01 7.0 X 10? 6.7 X 10? 
0.1 1.5 X 10? Lc x 


KCl] solutions. A change of the anion from Cl- to 
SO, had a very strong effect on the metal loss. 
The weight loss in a 0.001N K.SO, solution (150 psi 
oxygen, 72-hr exposure) was 70% lower than that 
in a KCl solution of the same normality; in 0.01 
and 1N K.SO, solutions it was too small to give re- 
producible values. 

The weight loss of commercially pure Al and of 
high purity Al, immersed in a 0.01N KCl solution 
under normal atmospheric conditions and under an 
oxygen pressure of 300 psi, is listed in Table I. 

The table shows that an effective amplification 
of the weight loss, accomplished by increasing the 
concentration of dissolved oxygen, was only feasible 
on commercialiy pure Al, but not on an Al of 99.88 % 
purity. The weight loss was almost zero on an Al 
of 99.97% purity, even when the partial pressure 
of oxygen was raised from atmospheric to 300 psi. 

Resistivities of a number of KCl solutions of 
various concentrations are compiled in Table II. 

Resistivity was slightly decreased during a period of 
18 hr and similar values were found after 100 hr 
under high oxygen pressure or bubbling oxygen. 
The pH was measured along with the resistivity. 
In all cases it increased slightly, from approximately 
5.5 to 6.5. However, the fact has to be stressed that 
pH measurements even with the glass electrode, 
when made in unbuffered solutions in the neighbor- 
hood of the neutral point, are not very reliable. 

DIscUSSION 

More comprehensive studies are required for 

controls the 


establishing the mechanism which 
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TABLE III. Corrosion rate and electrode potential of com- 
mercially pure Al (partial pressure of oxygen 150 psi) 


Temp: 35° + 0.5°C; exposed area: 40.50 em? 


— on Corrosion Electrode Normal-| Corrosion Electrode 


k xpo of KC] rate in potential ity of rate in potential 
sure, hr solution mg hr in my, 0.1N |} KCl so mg/hr in mv, 0.1N 
spec HeeCl: scale lution spec HgeCle scale 
2 0.0001 1.25 650 0.1 0.80 —760 
} 0.0001 1.16 670 0.1 0.60 830 
6 0.0001 1.12 690 0.1 0.56 870 
10 0.0001 0.92 850 0.1 0.53 930 
1) §=0.0001 0.29 0.1 0.07 
80) 0.0001 0.20 0.1 0.01 


increase of the weight loss with increasing concentra- 
tion of dissolved oxygen, increasing time (13) and 
decreasing concentration of electrolyte. However, it 
appears feasible to draw some qualitative conclu- 
sions, which might serve as a base for a future, more 
comprehensive interpretation. 

The plot of log of weight loss vs. log of oxygen 
partial pressure gave straight lines (Fig. 5). Ap- 
parently the relationship between weight loss and 
concentration of dissolved oxygen as determined by 
the partial pressure of this gas is an exponential 
one. 

It is of great interest that an effective amplifica- 
tion of the weight loss requires the presence of a 
certain amount of impurity in Al, which in this case 
was predominantly Fe. 

Herzog and Chaudron (3, 14) have shown that 
the weight loss of an Al-Cu alloy of the type 245, 
immersed in a 3% NaCl (0.5N) solution, was increased 
by raising the oxygen pressure above the solution. 
These authors attributed amplification of the metal 
loss to the action of H.O., which, according to Herzog 
and Chaudron, was formed when the Al alloy was 
corroded under high oxygen pressure. It is a well- 
known fact (15) that even small quantities of H.Ose, 
when added to dilute NaCl or KCI solutions, greatly 
amplify the corrosion of Al and Al-Cu alloys. If 
H.O». was formed in these experiments and if its 
concentration increased with increased oxygen pres- 
sure, amplification of the weight loss can easily be 
due to H.O»s. However, HeOs could not be detected 
in the corroding solutions. It may be that the quan- 
tity of H.O, formed was below the limit of the de- 
tectability with the tests used. Nevertheless, it was 
found in this laboratory® that a measurable increase 
ot the weight loss of commercially pure Al above 
that resulting in an agitated 3% KCl solution could 
only be achieved when the concentration of H,.O- 
was in the order of magnitude of 0.01%. The fact 
that the tests used indicate much lower concentra- 
tions than 0.01% HO. justifies the assumption 


* Unpublished measurements made in this laboratory 
by George P. Condon 








that there was no connection between 
formation of this substance and the an 
of corrosion, at least not in the case of co; 
pure Al corroded in KCl solutions with 
tions between 0.0001 and 1N under a pa 
sure of oxygen up to 325 psi. 

It is easier to discuss the effects of tim: 
concentration on the weight loss when 
sion rate is taken into consideration. If the weigh; 
loss is expressed by a power function, w 
then the instantaneous rate of corrosion at a constay 
temperature may be computed from the weight |n« 


and the time by the simple expression 


tis the time in hours, w is the weight loss in mg pe 
specimen, and n is a proportionality factor. A plot oj 
log w against log ¢ showed straight lines which cop. 
sisted in every case of 3 sections with 3 differ 
slopes. The slope belonging to an initial period was 
greater than that belonging to an adjacent period 
while the third section was almost parallel to th 
time axis. By inserting the values for the 3 differen: 
slopes for n in the above given expression, the rate oj 
corrosion can be calculated. The rate for an intervs 
between 0 and 5 hr, when the weight loss was | 
sufficiently reproducible, may be computed from 
values taken from the sections in the curves (dotted 
lines in Fig. 3) extrapolated from 5 hr to zero tim 
Rates of 


Table III. 


This shows that regardless of the concentrations 
of the KCI solutions the rate decreased with tin 
while the potentials increased in anodic directio 
Probably, the decrease of the corrosion rate was 
the result of a protective coating formed during th 
corrosion process, which gradually increased on th 
metal surface. It might be inferred from the increas 
of the potential in the anodic direction that thi 
local cathodes (Fe impurity) were preferentially 


polarized, 


The potentials were considerably more cathod 
in the 0.0001N solution than in the 0.1N solutio 
(17). It may be assumed, therefore, that the acceler 
tion of the corrosion rate in the 0.0001N solution a 
compared with the rate computed for the 0.1\ 
solution was controlled by cathodic processes (0! 
unknown nature). 

It is not known if there is a relationship betwe 
the formation of the dark coating or of colloidal) 
dispersed corrosion products in 0.0001 and 0.001) 
solutions and the relatively high corrosion ral’ 
resulting in these solutions. Formation of a colloida! 
phase and its precipitation may be explained & 
follows. In solutions with high oxygen concentr 





for different times, togethy 
with (16) the corresponding electrode potentials 


recorded over a period of 10 hr are compiled 





tO, 


erted 
electre 
ation, 
favor 
abil 
oncel 
pag! 
ipital 
ollon 
().1 an 
\s 
LSSLO 
time | 
eectr 
justi 
vith 
omp 
rosiol 
ol ele 
west 


bulk 


velg 
solu 
19 
well 
lhe 
0.1.4 
OXYVS 
tere 
spe 
cent 
XV! 
1 
(1. 





‘gl. 10 Vo. 8 


sons, a odieally formed Al ions were rapidly con- 
orted into Al (OH)s. Very low concentrations of 
‘es (much below that necessary for coagu- 
hout 0.05N KCl for colloidal Al (OH);) 


formation of colloidal dispersions and 


electro! 
ation, 
favor the 
4abilize such systems effectively. Higher electrolytic 
oncentrations (in the order of magnitude of the 
naguiation value and above) discharge and _pre- 
pitate the colloidal phase. This explains why a 
olloidalls dispersed phase would not be observed in 
)1 and 1N KCI solutions. 

\s was shown above a tentative, qualitative dis- 
sion of the dependency of the corrosion rate on 
‘ime and KCl concentration could be based on the 
electrochemical theory of corrosion. It does not seem 
stified therefore to argue that increasing corrosion 
vith decreasing conductivity of the solutions is not 
ompatible with the electrochemical theory. Cor- 
rosion reactions proceed actually in a very thin layer 
of electrolyte in the solid-liquid interface. It is rather 
uestionable if the conductivity measured in the 
bulk of the solution is also representative for the 
onductivity in the boundary layer. It seems to be 
particularly improbable that these conductivities 
re identical in experiments made under stagnant 
onditions. 

The corrosion behavior of Al in K.SO, solutions 
evealed, that the increase in weight loss with de- 
reasing concentration of electrolyte is not limited to 
the Cl 


It is of great interest that the specific effect on the 


anion alone. 


eight loss of the concentrations of a KCl or NaCl 
solution and of the concentration of dissolved oxygen 
19-2] 


well (20) obtained 


is not limited to Al. Bengough and Worm- 
similar results on mild steel. 
hese authors, who corroded their specimens in 
0.1V and 0.5N KCl and NaCl solutions under high 
oxygen pressures, state that there is a greater dif- 
lerence between the corrosion rate, computed for 
specimens immersed in solutions of the above con- 
centrations, than corresponds to the respective 
xvgen solubility. 

The authors’ corrosion studies of Al in 0.0001 to 
).1N KCl solutions have shown that a decreasing 


OXVge} 


concentration with increasing electrolytic 
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concentration cannot be the explanation for the re- 


tardation of the corrosion rate. 
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Studies on the Anodie Polarization of Zirconium an<(| 
Zirconium Alloys’ 


Mario MaraaGuini,? Georce B. Apams, Jr., AND Prerre VAN RyssELBERGHE 
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ABSTRACT 


The anodic polarization of zirconium and of some of its alloys was studie 
different aqueous electrolytes. In chloride solutions corrosion potentials 


lin several 
below that 


of oxygen evolution were established, but the addition of nitrate ion in the ratio of 3:5 
to chloride ion brings the potential above that of oxygen evolution. Formation of the 
oxide film along the three portions of the potential-time curve (initial rapid increase, 
evolution of oxygen at practically constant potential, final rapid increase) was studied 
in detail and quantitative information about local currents and the efficiency of the 


film building process was obtained. 


INTRODUCTION 


Hackerman and Cecil (1) have made cathodic and 
anodic polarization and potential-time studies on 
zirconium in aerated and in air-free sodium chloride 
solutions. In their anodization studies they obtained 
the same type of constant current potential-time 
curves that are reported in this work. 

tothman, McKinney, and Warner (2) have re- 
ported anodic potential-time curves for zirconium 
in sulfuric acid solutions which show the same char- 
acteristic linear portions as those reported above 
by Hackerman and those obtained in the present 
work, using other electrolytes. 

Charlesby (3) studied the growth of the oxide 
film formed in the anodization of zirconium and 
aluminum at formation voltages in excess of 4 volts. 
His work can be interpreted quite satisfactorily in 
terms of the equation proposed on _ theoretical 
grounds by Mott (4) for the ionic currents involved 
in the growth of thin oxide films on metals. 

In the present work, the anodic polarization of 
zirconium and of some of its alloys was studied at 
25°C over a range of current densities from 0.5 to 
2000 ywa/em*. Potential-time measurements were 
also carried out in the absence of external current. 
Solutions of HCl, KCl, NasCO;, NaSO;, and other 
salts were used. 

Two types of potential-time curves were observed 
according to whether chloride ion was present in the 
solution or not. 

In the latter the potential difference between the 


' Manuscript received December 28, 1953. This paper 
was prepared for delivery at the Wrightsville Beach Meet- 
ing, September 13 to 16, 1953. Work carried out under a 
contract between the University of Oregon and the U.S. 
Atomic Energy Commission. 
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zirconium anode and a saturated calomel! electro 
(S.C.E.) changes with time toward nobler potentia| 
at a constant rate after a brief initial period. Whe 
it reaches about 1.1—1.3 volts the rate of increase de 
creases considerably and remains at these lowe 
values for intervals of time varying with the curren 
density. When the voltage reaches 1.9-2.1 volts th 
rate of increase again becomes larger and attains ; 
value of the same order of magnitude as below |. 
volt. This behavior is shown in curve | of Fig, | 

Above 4 volts thin films of oxide which had gradv- 
ally been forming become visible by the display of 
strong interference colors, the color depending upon 
the formation voltage. The film building process was 
observed at varying formation voltages up to 1 
volts, but the polarization can be pushed well abov 
this value (3). 

In solutions containing chloride ion as the only 
anion the potential-time curve follows the same 
course as in the absence of chloride ion until a definite 
limiting value of the potential difference is reached, 
which then remains constant with time. This limiting 
value depends upon the chloride ion concentration 
This behavior is shown in curve 2 of Fig. 1. 

After the limiting corrosion potential has beet 
reached the coupons show a very pronounced pitting, 
and zirconium can easily be detected in the solutio 

If the solution contains chloride ion plus another 
anion, the behavior may be of either of the types 
mentioned, according to the nature of this second 
anion and to the ratio of its concentration to that 0 
chloride ion. 

Experimental studies were carried out on: (a) th 
steep branch of the potential-time curve below |! 
volt; (b) the constant corrosion potential obtained 


in the presence of chloride ion; (c) the nearly hor 
zontal branch between 1.1 and 2 volts; and (¢) the 


steep branch over 2 volts. 
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Fic. 1. Time-potential curves for anodization of zirco- 
m at 250 wa/em?* in: curve 1, 10M NasCO,; curve 2, 
Vv KCl, both aerated. 


EXPERIMENTAL PROCEDURE 


Coupons of zirconium alloys and of the unalloyed 
tal were cut out of 0.070-in. sheet* in the shape 
{ square electrodes with extensions for electrical 
onnections. They were completely covered with an 
mpervious baked coating of Valdura rubber base 
namel which was then ground away from one face 
of the electrode. Prior to each test the exposed face 
oi the coupon was abraded on 0, 2/0, and 3/0 
emery, and a known apparent exposed area was 
obtained by coating part of the freshly abraded sur- 
face with a rosin-beeswax mixture. The coupon was 
immersed in the electrolyte (with external current, 
if any, already on) of a cell containing a stirring de- 
vice, a bubbling tube, an agar bridge to the auxiliary 
electrode, and a Haber-Luggin capillary. The other 
end of the capillary was placed in a vessel (contain- 
ig the same solution as that in the cell) in which an 
war salt bridge was also immersed. This led to 
saturated KCl in another vessel which contained the 
relerence electrode also. Current was supplied by a 
very high resistance circuit fed by 100-volt storage 
batteries or by a 300-volt tube rectifier to minimize 
the variations of current due to polarization of the 
electrode. Current was measured with a calibrated 
resistor and a potentiometer. The voltage between 
anode and reference electrode was measured with 
an electronic voltmeter in series with a wire poten- 
tiometer. The accuracy was about 2 mv in the range 
+2 volts. Cell, salt bridges, and reference electrode 
were all immersed in a thermostatically controlled 
bath at 25.0° + 0.1°C. Generally air was bubbled 
during the run. Measurements were begun 6 sec 
alter immersion of the prepared coupons and car- 


red on for as much as several hours. 

Specimens were either in the annealed or less than 
Cy ° 
0% « worked state with a hardness of the order of 
Rockwe!! B 68-81, 
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The work reported in the present paper included 
experiments on the eight zirconium samples listed in 
Table I, with metals No. 1, 2, and 8 receiving special 
attention. These were selected from a total of fifteen 
alloys.‘ 


STEEP BRANCH PoTENTIAL-TIME CURVE 

BELOW 1.1 BELOW THE CORROSION 

POTENTIAL IN SOLUTIONS CONTAINING CHLORIDE 
Ion 


OF THE 
VOLT OR 


The general form of the potential-time curve for 
various applied current densities is shown by the 
charging curves in Fig. 2, obtained in 1.0M NasCO, 
solution. Three characteristics of these curves should 
be noted. Initially, there is a rapid, nonlinear po- 
tential-time dependence which then merges into a 
linear dependence. Although not included in the 
figure, this linear dependence continues until oxygen 
evolution begins. The slope of the linear portion of 
the curve shows a small, but definite, increase with 
increasing current density. The time interval over 
which the curve is nonlinear decreases with increas- 
ing current density, 

The variation in the slopes of these charging curves 
with time is shown in Fig. 3. The points were ob- 
tained from the differences in potential measured at 
intervals from the immersion time, corresponding to 
constant increases of the logarithms of these time 
intervals. The points were plotted directly without 
smoothing. In Fig. 4, 5, and 6 the log rate-log time 
curves are given for other aqueous salt solutions. 
Data used to construct Fig. 1 through 8 were ob- 
tained using an electrode made from sample No. 2 
(WA-3983). Experimental points are given in Fig. 3 
and 4 to indicate the type of precision obtained in 
this work. Most of the curves are the result of dupli- 
cate or triplicate runs on the same specimen elec- 
trode. The same degree of reproducibility was ob- 
tained with the data used to draw Fig. 5 and 6. 
Complete data for all of this work appear in a recent 
report (5). 

The following features of these curves are ap- 
parent: 

(A) With no applied current: 

The logarithm of the rate of increase of potential, 
log (AF/At), decreases linearly with the logarithm 
of the immersion time, log ¢t, from 6 sec after im- 
mersion to 20 min. With some media there is then 
a break followed by a segment of greater slope. 

(B) With applied current: 

Curves obtained with external polarization cur- 
rent are initially nearly coincident with, or parallel 
to, the corresponding zero external current curve.. 
Their slopes then begin to deviate in the direction of 

‘Kindly supplied by Dr. E. T. Hayes of the Bureau 
of Mines, Albany, Oregon 
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Fe 200* 600 2000* 
Mg 20 10 30 
Mn 10 10 20 
Mo <10 <10 <10 
N» 360 70 60 
Ni 50 20 20 
0 1650 1950 
Pb 30 30 30 
Si 50 100 100 
Sn <5* 500 <5* 
Ti <50 50 50 
V <20 50 20 
Zn <50 <50 <5O 


























higher values of AF’/At. Finally, these rates become 
constant. When applied current density is increased, 


the initial period of coincidence or parallelism with 





the zero-current curve is shorter and the final con- 











stant value is higher. The degree of initial noncoin- 





cidence is seen to increase with increasing current 








density. 








By plotting tre logarithm of the constant rate 








against the logarithm of the applied current density 








with which this constant rate was obtained, a pre- 








cise linear dependence is found for the whole range 
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Fic. 2. Anodic charging curves for zirconium in aerated 
10M NaeCO, (current densities in wa/em’). O, 0.39: ®, 
1.95; V, 4.14; A, 20.5; @, 41.4. 
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WA-3949 SA-3247 SA-3248 SA-3230 









C, Fe, N, Oe, Sn by chemical analysis (exceptions: values with asterisks are spectroscopic 


TABLE I. Partial analyses of the zirconium samples 
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, others by spectroscopi 


sis. All values are in parts per million. WA-3949, incompletely analyzed, is similar to W-3992 and W-3941. All analvses | 
furnished by Dr. E. T. Haves and collaborators at the Bureau of Mines, Albany. Oregon 










one obtains the two constants A and B in the nr 
tionship: 


log (AK, At) = log A + B log J or AE/ At ‘wh 


where / is the current density and A is the rate | 
unit current density. 

These facts are interpreted by assuming that | 
increase in potential between coupon and refere 
electrode is due to a film building process,° and th 
in the case of zero applied current, local current co 
trols the rate of the film building process and, co 
sequently, the rate of change of the potential. | 
local current decreases rapidly with time as shov 


by the decreasing rates in the initial portions of th 


log rate-log time curves. If an external current 


constant value is superimposed upon the local cu 


rent, the same process of corrosion goes on practica 
unaltered as long as the external current is sm 


compared with the local current and the two curves 


in the log rate-log time plot remain merged | 


parallel. When the local current, which is stead 
decreasing, becomes comparable with the extern 
applied current, the two curves begin to diverg' 


> That the film building process under these condition 


is actually the formation of ZrO, is shown by electron ¢ 
fraction studies of the films formed upon anodizing 21" 
nium in various aqueous solutions. In dilute HNO, 2 cu! 


modification is formed (a, = 5.103 A) while in dilu' 
H.SO,, ammonium borate, and other solutions, the 1! 


has a more amorphous structure but with erysta!!'tes 
this cubie modification present (3). 














of current densities investigated. From these plot: 
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;. Logarithm of the rate of increase of potential vs. 
thm of immersion time, and vs. logarithm of cur- 
densit\ +) in aerated 10M Na.CO 


* 250 
: 
} 
. . . ad “s 
z 4 a al 70 
. 
2 e “50 
e 
* s 
ad ™ ~ “ 
° 
‘t 
* . } 
$ s a ° ® ° a 
t 
wp t 
rh 
* 
hy A F 1-68 
2 
tl LOG TIME (MINUTES) 
5 CURRENT DENSITY (MICROAMPERES /SQ CM) 
hic. 4. Logarithm of the rate of increase of potential 


ogarithm of immersion time, and vs. logarithm of 
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Finally, when the local current has become negligible 
compared with the external current, a constant rate 
is attained with a value depending only on the mag- 
nitude of the external current. 

Since the same film building process occurs, 


vhether the current responsible for it is constant or 


decreasing with time, one can calculate the local 
current at a given time from equation (1) and from 
1 the value of log (AE/At) on the log rate-log time curve 
lor zero external current. These local current values 
should be valid over the range of external current 
dens for which the constants in (1) were eval- 
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Fic. 5. Logarithm of the rate of increase of potential 
vs. logarithm of immersion time, and vs. logarithm of cur- 
rent density (+) in aerated 0.1M KCl. 
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LOG TIME (MINUTES) 
LOG CURRENT DENSITY (MICROAMPERES /SQ CM) 
Fic. 6. Logarithm of the rate of increase of potential 
vs. logarithm of immersion time, and vs. logarithm of 
current density (+) in aerated 1.5M HCl 


uated. In Table II the values of the constants A and 
B of equation (1) are reported, together with the 
calculated values of the local cell current at logarith- 
mic time intervals for zirconium sample No. 2 (WA- 
3983). Values of A and B should be accurate to 
within +2%, and the deviation of B from unity is 
significant within these limits. 

From an inspection of Table II it is seen that three 
of the A values are identical at 7.4 + 0.2 mv/min. 

The small local current in the 1.0.7 NaeSOs solu- 
tion is probably due to the complete absence of dis- 
solved oxygen in the solution, resulting in a relatively 
low value for the local cathodic current. The runs in 








TABLE II 

















Local current (wa/cm*) at 


















Solution ‘ B ae Gam 
mv/min 
0.56 1.8 5.6 18 56 
LOM NasCO, 7.4 1.08 13 5.32.2 0.980.27 
10M NaSO 7.4 1.12 5.3 1.80.64 0.220.08 
0.1M KCI 7.6 1.07 (12 1.62.1 0.680.19 
15M HCl 8.3 1.01 $4.1; 2.11.0 0.480.22 
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Fic. 7. Logarithm of the rate of increase of potential 


vs. potential in aerated 1.0M Na.CO 





the three other solutions were carried out with air 
saturated solutions. However, the rate at unit cur- 
rent density is the same in the absence of dissolved 
oxygen as in its presence, and this is evidence that 
for zirconium the primary process responsible for 
the increase in potential with time is the formation 
of the oxide film and not the adsorption of dissolved 
oxygen. The role of dissolved oxygen is limited to 
its effect on the local cathodic polarization curve for 
this process. 

At this point it might be mentioned that the 
method of determining local currents described above 
is still valid if the oxide film dissolves in the elec- 
trolyte at a rate proportional to its rate of formation. 
This is equivalent to saying that, of the external 
current /,, only a fraction, n/,, is actually film 
building, because the film produced by the remain- 








JOURNAL OF THE ELECTROCHEMICAL SOCIETY 





ing (1 — n)/¢ is dissolved. So, the relatio, 


A I," becomes AE/At = A n’le". If the 
the same for the dissolution in the case o 


current (and this is the basic assumption u 


the whole method is based, namely, that 


of the local anodic current are the same). ¢ 


of the film should not invalidate the caleuls: 


of the local current, because in both cases 


of the constant A has been changed to A’ 


If the rate of dissolution of the oxide were to | 
proportional to the total amount of film present gt , 
given time, the above reasoning would not hold, hy 
in such an event the value of AF/At resulting fron 
a constant external current would not be constant 


In effect the rate of 


(constant rate of 


dissolution), corresponding to the observed rat 


AE/ At, should decrease. 


The following is given as evidence that the |o 
currents calculated by this method are real. 

Fig. 7 and 8 show how the complete log rat 
log time curve can be calculated from equation (| 
and the zero current curve. The assumption is mad 
that, in the runs with external current, the loca 
current, at a given potential EF, is equal to the lo 
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Vol. 10: 
wyrrent i the runs with zero external current, at the 
«me potential #, This assumption appears reason- 
able, because the net current is flowing toward the 
external cathode, but the local anodic current must 
gow toward internal cathodes, and its value is de- 
termine d by the value of £ on the cathodic polariza- 
ion curve. The foregoing assumption is based on the 
hypothesis of a sufficiently stable local cathodic 
rve (corresponding to the reduction of oxygen and 
hydrogen ion, or water, on the electrode). Thus, by 
plotting log rate-potential curves for each log rate- 
log time curve one can, at a given potential /, read 
of the corresponding log AF’/At value for the J = 0 
curve and caleulate a local current by substitution 
n equation (I). Then, by adding the value of the 
constant external current, 7, to the local current so 
obtained and substituting this total current in equa- 
tion (1), a value of log AF’/At for this external cur- 
rent J can be calculated. This value is now plotted 
at the same potential & for which the local current 
was calculated. In this way the log rate-potential 
curve is constructed for each external current density. 
In Fig. 7 and 8 the calculated values are shown as 
open squares. The curves represent experimental 
log rate values at different potentials. (All points, 
other than those indicated by open squares, are 
experimental values.) The origin of ordinates has 
been shifted upward by 0.6 unit for each consecutive 

e. The agreement is good, and lends support to 
the assumptions made. 

\nother indication of the probable validity of this 
method of obtaining local currents is obtained by 
omparing the local cathodic polarization curve, as 
culated from the local currents indirectly derived 


iy 


ve from anodic measurements, with the corre- 


sponding portion of the net cathodic polarization 
irve obtained experimentally for the same solution. 
In Fig. 9 the experimental eurve is shown for 0.1./ 
AC]. The points shown in the figure are the local 
modic currents calculated from equation (1) and the 
ero-current log rate values corresponding to given 
alues of the observed potential. The best agreement 
sto be expected at the high current end of the curve 
vhere the anodic contribution to the experimental 
net cathodic curve is small. At the low current end 
the deviation of the experimental curve from the 
calculated local polarization curve is seen to be in 
the direction expected, and the experimental values 
change with time toward the calculated curve as the 
ioral anodie contribution becomes gradually smaller. 

lt may seem surprising to find any agreement at 
all, since in one case a cathodic curve is used, and in 
the er the points are calculated from anodic 
polarization measurements only, and by a rather in- 
direct method. This agreement, however, should be 
expected if it is assumed that the local cathodic 
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calculated local 
cathodic polarization curve (solid line) and the experi 


Fic. 9. Comparison between the 


meéntal cathodic curve (open circles) in aerated 0.1M KCl. 


polarization curve is more or less stable, and in- 
variable during the run, so that the potential (mixed 
potential) is always given by the intersection of the 
local cathodic and local anodic curves. With time 
the local anodic curve tends to stick more and more 
to the potential axis on account of the growth of the 
oxide film. Therefore, if the anodic local current is 
plotted vs. the corresponding potential the local 
cathodic curve is obtained (neglecting /R drops). 

If the local cathodic polarization curve, as ob- 
tained by the above method, is the true curve, it 
should follow that a point on the local anodic polar- 
ization curve for a given time, f, could be obtained by 
taking the difference between a point on the cal- 
culated local cathodic curve and a point on the net 
cathodic curve for time ¢ and for the same potential. 
Thus, potential-time curves for both anodic and 
cathodic polarization would provide sufficient  in- 
formation to obtain the local cathodic polarization 
curve and the local anodic curve and their change 
with time. The potential range for these curves is 
limited to the range of potentials observed for the 
zero current anodic potential-time curve. 

Referring to Table Il again, a comparison between 
the A and B values for KCl and NasCQOs, solutions 
shows that the presence of chloride ion has no ef- 
fect on the film building process at potentials lower 
than the corrosion potential. The anomalous action 
of chloride ion manifests itself only when a given 
potential is reached. 


CORROSION POTENTIAL IN PRESENCE OF 
CHLORIDE LON 
Solutions Containing Chloride Ion As the Only Anion 


HCl, 


anodizing at constant current density leads eventu- 


For a solution containing a chloride or 


ally to a constant potential. The time required to 
reach this corrosion potential decreases with increas- 
ing chloride ion concentration and with increasing 
current density. For chloride ion concentrations less 

























300 
“ we 
200 
al 
> 
wo af 
eo | P a 
3 “ P 
2 ee 
J a seal 

q OOF ... ov Fal 
- a, a 
- PA 
2 a A Ps 
ul "i 
— 
© ‘- 
a 

7 

e- 

0 — —_ 
0 \ 2 


Fic. 10. Corrosion potential of different zirconium alloys 
vs. pCl in aerated KCl solutions 


than 10-*N, slow oscillations occur in the potential. 
An increase in current density has very little effect 
on the constancy of the corrosion potential. For 
example, in 1.0N KCl there is an increase of about 
10 mv in the corrosion potential when the current 
density is increased from 10 to 2000 ma/cm?’. Visible 
pitting is invariably observed with coupons sub- 
mitted to this treatment. At high chloride ion con- 
centrations many pits are formed, while at the lowest 
chloride ion concentration (10~-*N) only two or three 
pits occur per square centimeter, but these are much 
deeper. 

Plotting the constant corrosion potential against 
the negative logarithm of the chloride ion activity, 
one obtains approximate straight lines with the same 
slope for all the alloys that were tested. This plot 
is shown in Fig. 10. 

In Table III the corrosion potential in millivolts, 
obtained with a current density of 3.9 ywa/cm?’, is 
tabulated for the various alloys at three different 
chloride activities. 

Zirconium and these alloys are readily corroded 
and pitted in the presence of chloride ion, even when 
only small anodic currents of the order of 1 ya/em? 
are impressed. For titanium the same pitting is ob- 
served, but at potentials of the order of 9-10 volts 
(6). Furthermore, while alloys of the WA series have 
about the same corrosion potentials, alloys of the SA 
series, containing percentages of tin increasing from 
1-3 %, 
the percentage of tin increases. The greater per- 


exhibit increasingly less noble potentials as 


meability to anions (here chloride ion) of the film 
formed on the tin-alloyed metal at low current 
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densities before the corrosion potential | tained 
c All) 4 






presents other aspects which are discussed |)e|oy 





Solutions Containing Chloride Ion « 
an Additional Anion 


After the corrosion potential had been ai tained } 
a cell containing a solution of NaCl of given oo, 


centration, increasing amounts of a solutio 





th Of the 
sodium salt of the anion to be tested and containing 






NaC] also, at the same concentration as the origins 
solution, were added to the cell. After addition of; 
measured volume of the second solution, the chan» 







in the corrosion potential was recorded and the adg). 





tions continued. Generally the corrosion potenti, 
changed in the direction of greater nobility as +) 
concentration of added anion increased. 





tesults of 
these measurements are shown graphically in Fig 
11, 12, 13, and 14. 

The anions tested can be divided into three groups 






according to their effects. 





(A) With additions of nitrate ion the following 





observations were made: When the ratio Cx,> ( 





reaches values of about 3, the increase in the 





rosion potential becomes very abrupt and lary 





oscillations set in. When this ratio reaches a valw 





5 the potential is between 1.5 and 1.6 volts, 





oscillations cease, oxygen evolution begins, 





pitting apparently stops or is reduced to a marked 





degree. Measurements were made at chloride 
concentrations of 0.1, 0.01, and 0.004N. 
(B) Sulfate, chromate, and phosphate ions produc 







abrupt increases in the corrosion potential wh 





their concentration ratios to chloride ion are arow 
20-30. In 0.004N chloride ion solutions, sulfate a! 
chromate ions bring the potential above that 






oxygen evolution when their concentration ratios 






to that of chloride ion are about 40 to 50. 
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Fic. 11. Corrosion potential in presence of chiorid 
and of another anion for aerated 0.1M NaCl 
alloy No. 1; - @ @ -. alloy No.8 
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hia. 13. Corrosion potential in presence of chloride ion 
lof another anion for aerated 0.01M NaCl 
No. 1;- @ @ -, alloy No.8 


Chlorate, perchlorate, and nitrate ions (this 
ist ion belonging perhaps as well to group B) 
produce a rather abrupt increase in the potential at 


tios to chloride ion, and a leveling off at high 
ratios. The potential always remains below that for 


5 
j= 


volution in the range of concentration ratios 
investigated, 

These measurements were all carried out using 
‘wo types of zirconium specimens: sample No. 1, 
WA-3992) and sample No. 8, (SA-3249). A common 
leature of the various cases is that, when the added 
meentration becomes high enough to raise 


‘he potential above that of oxygen evolution, the 
urve potential vs. added anion ratio for the tin 
illoy interseets that for the pure metal and reaches 
the oxvgen evolution potential at a lower ratio of 
adder ion, 
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Fic. 14. Corrosion potential in presence of chloride ion 
and of another anion for aerated 0.004M NaCl 
alloy No. 1;- @ @ -, alloy No. 8. 


TABLE III 


Alloy -_ K¢ ice = = (log -_ \ KC | log 
1 WA-3992 149 + 5 216 + 3 272 + 2 
2 WA-3983 153 5 218 3 265 2 
3 WA-3941 154 } 218 3 279 5 
$1 WA-3949 142 3 208 2 265 3 
5 SA-3247 5 } 164 3 212 } 
6 SA-3248 55 5 120 2 182 2 
7 SA-3230 $2 5 115 2 170 5 
8 SA-3249 1] 3 SO } 133 


The peculiar action of nitrate ion in repairing the 
film and preventing pitting by the action of chloride 
ion correlates with the results of other investigators 
(7), who proposed that anodization in nitric acid 
promotes nucleation of oxide grains on zirconium. 
The character of the oxide film structure on the tin 
alloys which allows a greater permeability to chlo- 
ride ion than does the oxide film on the pure metal 
(see Table III) also renders the fixation of nitrate 
ion in the film easier and this ion can thus catalyze 
the formation of additional oxide at the very points 
where the film is most permeable. This property 
would account for the intersection of the curves for 
the tin alloy with those of the purer metals. 

It is interesting to note that nitrite, chromate, and 
phosphate ions, which are generally good corrosion 
inhibitors, exhibit a much less marked effect here 
than does nitrate ion. 


NEARLY HorizontraL BRANCH OF THE 
PoTENTIAL-TIME CURVE BETWEEN 
1.1 aNpD 2 VoLts 
Runs were taken in 1.0.7 NacsCQO, solution with 
electrodes made up from samples No. 1 (WA-3992) 








TABLE IV 


Coulombs/cm? to increase the potential from 


. 1.25 to 2.00 volts 
Current density wa/cm? 


WA-3992 (sample 1 SA-3249 (sample 8) 


200 0.26 

300 0.16 0.47 

500 0.16 

1000 0.089 0.14 

1500 0.066 0.076 
0.052 0.040 
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Fic. 15. Coulombs/em?* required to pass from 1.25-2.00 
volts, vs. current density, in aerated 10M Na.CO,. 
OD, alloy No.1; @ 7 @, alloy No.8. 


and No. 2 (SA-3249). The time required to reach 
1.25 and 2.00 volts, corresponding approximately 
to the beginning and to the end of the nearly hori- 
zontal branch of the curve, was determined for 
different current The corre- 
sponding number of coulombs per square centi- 
meter was calculated. Individual results show an 
appreciable scattering due to the highly localized 
nature of the oxygen evolution process. Results re- 
ported in Table IV are the mean values of five 
single measurements. 


constant densities. 


In Fig. 15 data in Table IV are shown graphically. 
It is apparent that the film building efficiency in- 
creases with increasing current density, and that it 
drops off very rapidly for formation current den- 
sities less than 500 ywa/cem*. This efficiency is the 
ratio of the current carried by the ions (probably 
oxide ions) involved in the film building process to 
the total current. The difference between total cur- 
rent and ionic current is the electron current, which 
does not contribute to oxide film growth. The electron 
current might also be termed the oxygen evolution 
current in this case. The tin alloy has a lower film 
building efficiency during oxygen evolution than the 
pure metal except at the highest current densities. 

Along the flat on the time-potential curve the 
oxygen evolution, which is mainly localized, takes 
a large share of the total current and the film build- 
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TABLE V 





Efficiency of the film bui! 














Current density wa/cm? Ye 
Range 15-25 volts Ran 35 
SA-3249: 117 0.37 39 
234 0.40 44 

351 0.42 
WA-3992: 200 0.47 BT) 
2000 0.62 0.70 





ing process proceeds at a reduced rate. As th 
localized pores® where oxygen evolution can readily 
occur are gradually closed over by the thickening 


oxide film, the effective current density for the 







localized oxygen evolution increases and, for oxygey 
evolution to continue, the potential must rise, (|) 
Fig. 1 the gradual rise in potential all along the fly 
is not apparent, but it is evident in a diagram wher 
the potential scale is expanded.) Finally, as localized 
pores are eliminated, the potential climbs rapid) 
because a much larger fraction of the current is the 
available for oxide film formation. The slope of tly 
curve then becomes comparable to the slope belo 









oxygen evolution, but it is never as great. 





For the mixed electrode reaction occurring during 





the localized oxygen evolution one would expect 
that an increase in current density would increase the 
overvoltage for oxygen evolution and thus, for 
given potential, the fraction of current used 
evolving oxygen should decrease with increasing cur 









rent density, allowing a more rapid film formatio 
at the higher current densities. This is what is o! 
served. 







The fact that the tin alloy requires more time t 
complete the oxide film than does the purer meta 
would indicate the presence of a greater density 0! 
localized pores. This idea is consistent with the fact 








that chloride ions appear to penetrate the oxide film 
on the tin alloy more readily than the oxide film 
formed on the purer metal, and that the fixation o! 
nitrate ions within the film occurs more readily with 
the tin alloy than with the pure metal. 









STEEP BRANCH OF THE POTENTIAL-TIME CURVY! 


Apove 2 VoLts 






In the absence of any information as to how grea! 
a variation occurs in the roughness factor in th 
transition from invisible films to the visible films 
formed above 4 volts, Charlesby’s value of the 
maximum formation rate at zero electron currel! 
namely, 17 volt cm?/ma min, was used to calculat 










* By the term localized pore, as used here, is meant 4" 
path through the oxide film that offers a considera! 
lower resistance to the passage of electrons from the ox’ 
film surface to the metal than does the bulk of the ox 
structure which surrounds it. 
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the efficiency of the film building process above 2 
wits. This value was derived by Charlesby from. 
asurements taken above 10 volts using ammonium 
porate at 18°C. The present measurements were 
nade in 1.0.M NagCO; at 25°C, but due to the similar 
nature of the two electrolytes there should be no 
weat error in using his value. 

* rhe efficiencies’calculated in this manner are given 
in Table V, and are the mean values of two or more 
eparate measurements of the formation rate over 


me 


the voltage range indicated. 

These results are in good agreement with those 
given by Charlesby. The tin alloy does not exhibit 
any unusual behavior. 

Additional details and complete tables of data are 
available in a Technical Report to the Atomic 
Energy Commission (5). 


{ny discussion of this paper will appear in a Discussion 
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Section to be published in the June 1955 issue of the 


JOURNAL. 
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Aqueous Solution 






ErNest H. Lyons, 


The cathodic behavior of cobalt, nickel 


determining cathode current efficiencies and polarograms. Deposition was not obtained 
from ions believed to have hybridized orbitals which involve the penultimate electron 
shell, that is, from the “inner orbital’’ complexes of Taube. Deposits were obtained 
from “‘outer orbital’’ ions, thus confirming the rule previously proposed. Evidence is 


INTRODUCTION 


In the first paper of this series (1), it was pointed 
out that, in aqueous solutions, the electrodeposition 
of metals appears to be impossible from ions having 
hybridized orbitals which involve the penultimate 
electron shell, that is, from the “inner orbital’ 
complexes of Taube (2). On the other hand, deposi- 
tion is generally possible when hybridization involves 
only the outermost shell, that is, from “outer orbital’’ 
complexes. To test the validity of this rule, the 
cathodic behavior of cobalt, nickel, copper, and zinc 
complexes of 8-hydroxyquinoline-5-sulfonic acid, of 
1 ,10-phenanthroline, and of glycine was investigated. 
In addition, the nickel complexes of naphthalene-1 , 
2-diamine, naphthalene-| ,8-diamine, tetramethy|- 
ethylenediamine, and the copper complexes of 
dimethylglyoxime were examined. 

For this purpose, cathode current efficiencies were 
determined. However, these quantities may not be 
significant where solubility of the complex salt is 
very low. Accordingly, polarograms were also ob- 
tained. With many of these, interpretation is ob- 
scured by reduction of the coordinating agent or by 
catalytic hydrogen waves. Together, however, the 
results seem to indicate fairly clearly whether de- 
position of metal occurs. 


EXPERIMENTAL 


Cathode efficiency determinations.—These were made 
in the conventional manner on copper cathodes in 


‘Manuscript received June 30, 1953. This paper was 
prepared for delivery before the Wrightsville Beach Meet 
ing, September 12-16, 1953, and is taken from a thesis 
submitted by E. H. Lyons, Jr., to the Graduate College of 
the University of Lllinois in partial fulfillment of the 
requirements fér the Ph.D. degree. 

* Present address: The Principia College, Elsah, Illinois. 


Electronic Configuration in EKlectrodeposition fron: 


III. Metal Deposition from Certain Complex Ions' 


Jr.~2 Joun C. Barnar, Jr., ano H. A. LAITINEN 


University of Illinois, Urbana, Illinois 


ABSTRACT 


, copper, and zine complexes of 8-hydroxy 
quinoline-5-sulfonie acid, 1,10-phenanthroline, glycine, 1,2- and 1,8-naphthalenedia 


mines, tetramethylethvlenediamine, and dimethylglyoxime was investigated by 


given that copper, as well as cobalt and nickel, forms both types of ions 

























solutions usually 0.0L. in metal, and 0.1L.M in ». 





dium acetate. The solutions were vigorously agitated 
with a glass stirrer. Klectrolysis Was continued fo 
60 min at | amp/dm?, for 20 min at 3 amp /dm*, 
for 10 min at 5 amp/dm*. Bath temperature 
between 30° and 36°C. The pH usually increased 
0.2 to 0.3 units. Although some deposits wer 
fragile that bits of the material were lost on drying 
enough metal remained to indicate a substant 
current efficiency. The cells were operated in series 
with the conventional copper coulometer. Duplicat 
determinations agreed to within about 10%, excep 
for very low efficiencies, where it was clear that 
significant deposition was not obtained. Sinc 
100% efficiency about half the metal in the « 
would be deposited, higher efficiencies are not neces 
sarily representative of the initial bath compositio: 
but this is not of consequence since it was only 
quired to show that deposition is possible. In man 
experiments the anodes, which always consisted 0! 
the metal to be deposited, were visibly corroded 
and the increase in pH suggested that the efficien 
is higher at the anode than at the cathode. 
Polarographic  studies.—These were made usilg 
standard techniques with both a dropping mercu! 
cathode and a rotating platinum cathode (3). Wit! 
the latter, purified hydrogen was bubbled throug! 
the solution in the open arm of an H-cell (4) during 
the runs. Preliminary experiments indicated tha! 
under these conditions the reduction of oxygen Wa 
not observed on the polarograms. The solutions wer" 
generally O.1N in KNO;, and 0.001.M in meta 
Polarograms with the rotating cathode were repre 
ducible as to general form, but not as to preci 
values. Those with the mercury electrode showed th 
usual reproducibility. The temperature was c/ose |' 
80°C. 
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Chemica C.P. or reagent grade chemicals were 
ysed. o-! enanthroline was purchased from G. F. 
gmith Chemical Co. 8-Hydroxyquinoline-5-sulfonic 
wid, referred to as “sulfonated oxine,” was prepared 
by sulfonating Eastman 8-hydroxyquinoline. Com- 
mercial dioxane was purified by diluting it with an 
ual volume of 20:1 hydrochloric acid, and re- 
quxing the solution with magnesium powder for 
shout 8 hr. Polarograms indicated that no reducible 
aibstances remained, and residual magnesium chlo- 
ride did not affect the results. 


EXPERIMENTAL RESULTS 
Complexes with o-phenanthroline.—Weighed por- 
‘ions of o-phenanthroline were added to solutions of 
silfates or acetates of the metals, in ratios of 3.5 
moles of the amine to 1 mole of cobalt or nickel, 
25:1 for copper, and 2.2:1 for zine. The pH was 
jjusted by adding hydrochloric acid and sodium 
hydroxide; runs were made at pH 3, 5, and 10, 
each within 0.5 unit. 

With cobalt, the solution became dark ‘in a few 
minutes at pH 10, in a few hours at pH 5, and not at 
all at pH 3. When the dark solution was acidified, 
the color faded in a few minutes. This is attributed to 
a cobalt (III) complex, unstable in acid solutions. 

With cobalt, nickel, and copper, cathode current 
efficiencies were less than 1%. According to the 
riterion previously adopted (1), these compounds 
ire considered to be nondepositing. A dark, tarry 
film, which was removed before weighing, remained 
m the cathode. When the tarry material was dis- 
solved in nitrie acid, neutralized with ammonia, and 
treated with sodium sulfide, no precipitate resulted. 
Cathodes showed no visible metal deposit, and those 
rom the nickel bath did not give colors with di- 
methylglyoxime (after treatment with acid and 
neutralization). 

With zine, however, efficiencies ranging from 2.1 
to 21% were obtained. The deposit was dark, spongy, 
and resembled the so-called ‘‘burned’’ deposit. It 
evolved gas vigorously when dipped in hydrochloric 
acid, and the resulting solution on neutralization 
with ammonia, and treatment with sodium sulfide, 
gave a dirty white precipitate. A thin, dark coating 
remained on the cathode even after the zine had been 
dissolved. 

It appears, therefore, that zinc, but not cobalt, 
nickel, or copper, is deposited from these complexes. 


or nickel, cobalt, and copper, the polarograms 
show catalytic hydrogen waves at potentials less 
hegative than in the corresponding solutions without 
the metals (5). The zine solutions, however, show 
distinc? waves indicating metal deposition at about 
“14 volts vs. S.C.E., except at pH 2.7, where hy- 
drog- evolution is indicated. This is in agreement 
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with the work of Kruse and Brandt (5). The polaro- 
grams therefore agree that zinc, but not the other 
metals, may be deposited. 

The o-phenanthroline complex of iron is known to 
be of the inner orbital type (2). Since the coordinating 
ability of amines for metals increases through the 
transition series from iron to copper (6), it may be 
assumed that the cobalt, nickel, and iron complexes 
also have this configuration, as is suggested by their 
colors. The data indicate that electrodeposition is 
not obtained. 

The electronic structure of zine precludes inner 
orbital configuration, and correspondingly the metal 
is deposited. The low efficiencies and polarographic 
irreversibility of the reduction suggest that the co- 
ordination is very strong. Deposits are also obtained 
from the cadmium o-phenanthroline complex, which 
doubtless has a similar structure (7). The ability 
of these strong complexes to undergo reduction to 
metal parallels that of the corresponding cyanide 
complexes, except that no cyanocuprate (I1) ion is 
known. 

Complexes with glycine.—Glycine complexes are 
unusually stable even though they are of the outer 
orbital type (2). Cathode efficiencies, obtained with 
baths 0.01M in metal (0.02. in the case of zinc), 
0.1.M in sodium acetate, and with glycine-metal 
ratios of 3.5: 1 for cobalt and nickel, 2.5: 1 for copper, 
and 5:1 for zine, range from 22-94%. No consistent 
trends were observed. All of the deposits were 
spongy, probably because of the great firmness of 
coordination as previously explained (1). 

Polarograms were obtained with solutions 0.001.M/ 
in metal, 0.1. in KNO; and 0.2M in glycine. In 
addition, a copper solution 0.002M in glycine was 
also examined, but the wave did not differ signifi- 
cantly from that with the greater concentration. 
To suppress maxima, 0.02 % gelatin was added to the 
the nickel and copper solutions. All of the reductions 
were irreversible, except that of copper at pH 4.1, 
for which the slope of the plot of F vs. log 7/ (ta — 17) 
was 0.031. The manner of variation of current ob- 
served as each mercury drop grew and fell indicated 
that the cathode was covered by an adsorbed film 
during the deposition. It is not possible, of course, 
to determine half-wave potentials. The approxi- 
mate mid-points of waves observed with the dropping 
mercury electrode are given in Table I. 

With the rotating platinum cathode, polarograms 
indicated that metal was deposited. After each run, 
the platinum was coated with a black deposit; with 
copper, the red luster could be faintly seen. 

From glycine complexes, deposition of copper is 
well known (8-11), and polarograms indicate that 
iron, nickel, and cobalt are deposited from complexes 
with other amino acids (12, 13). It is clear, there- 
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TABLE I. Reduction potentials of glycine compleres 
(vs. S.C.E.) 
Cobalt Nickel Copper Zin 
pH volts pH volts pH volts pH volts 
3.0 al 3.0 1.2 | 3.0 -1.1 2.4 1.0 
5.0 ee 6.0 0.9 | 4.1 -1.2 | 5.0 1.0 
10.0 1.3 8.7 1.2 | 8.8 1.4 9.0 1.3 
TABLE II. Reduction pote ntials of sulfonated oxine 
comple res (vs. S.C .E 
No metal Cobalt Nickel Copper Zin 
pH volts pH volts pH volts pH volts pH volts 
3.0 1.0 3.0 —1.1 3.0 0.7 | 2.4 0.1 | 2.6 0.9 
6.4 1.2 5.0 1.0 5.0 0.8 | 5.4 1.5 | 5.9 1.2 
0.5 1.410.0 —1.3 8.0 een 1.5 98 1.5 


fore, that deposition is obtained from all of these 
outer orbital complexes. 

Complexes with sulfonated oxine.—Zine and copper 
complexes with sulfonated oxine are relatively in- 
soluble, although supersaturated solutions are readily 
prepared. However, by using a | to | dioxane-water 
mixture as solvent, the copper bath was made 0.005. 
in metal, 0.035.7 in oxine, and 0.1M in sodium 
acetate. The zine solution was 0.007M in metal, 
0.018M in oxine, and 0.1. in acetate. The nickel 
and copper baths were 0.01. in metal, 0.035. in 
oxine, and 0.1.M in acetate. 

With ranged from 
|-18%. The highest values were obtained at pH 10, 


cobalt, cathode efficiencies 
where the deposits were spongy. At lower pH, the 
deposits were black, or bright with black streaks. 
With nickel, the efficiencies lay between 1-13 %, and 
the deposits were dark, dull gray, or spongy. At 
pH 9.1, the efficiency was 3%. Although similar in 
appearance, the copper deposits showed efficiencies 
greater than 40% at pH 2.3, and about 0.4% at 
pH 5.5. At pH 9.1, 
filmed that current did not flow appreciably even 


the cathode was so heavily 


with 100 volts potential. The zine baths gave gray, 
matte deposits with efficiencies from 18-76 %. 

These data show that the metals are deposited, 
except copper in the “neutral’”’ and alkaline baths. 

Polarograms obtained with these complexes are 
difficult to interpret. Oxine itself is reduced at the 
dropping mercury electrode (14), as is sulfonated 
oxine (15). Moreover, it is well known that metals 
may sometimes be deposited at a mercury cathode 
although they cannot be deposited on solid cathodes. 

The polarograms indicate that reduction occurs 
at the approximate potentials shown in Table II, 
but it is not clear what is being reduced. With cobalt 
and nickel, reduction occurs at potentials less nega- 
tive than for the aquo complexes or for the sul- 
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fonated oxine alone. With copper and zi 
verse is true except at low pH. The ease o 
in the copper solution at pH 2.4 sugges‘ 
metal is being deposited; the current rea 


: the re. 
eduction 






that the 
NZS Were 
very erratic, and the wave height suggests {hay both 
oxine and copper are reduced. This might be 4. 
tributed to a shift to some other form of th: 








complex, 
as by conversion of the oxygen-copper bond to 


oxygen-proton bond (16), followed by more peay 
reduction of the metal, with reduction of the oxing 
facilitating the process. Yet the oxine complex is coy. 
pletely extracted by chloroform at pH 2.5 or high: 
(17). Although interpretation of these results myy 













await further study, they appear to be parallel to t) 





cathode efficiency determinations, in indicating thy) 
copper is deposited only at low pH, but the othe 
metals probably at all pH values tested. Results with 
the rotating platinum electrode are similar. 





As nickel oxinate is paramagnetic (18), it has outer 





orbital configuration. This is probably true for cobal) 





also, especially since it is not readily oxidized, Thy 





zine complex, of course, can only be outer orbits 





Since the presence of the sulfonic acid group would 





not be expected to alter the configuration, depositio 





of these metals is in accord with the ionie structures 





According to Ray and Sen (19), copper-ox 





bonds are strongly covalent, which indicates inne: 





orbital configuration. Since the coordinating tend 





ency of the transition metals for amines reaches « 





maximum at copper (6), the inner orbital configu 





tion of the copper complex alone in the series 





plausible. The data indicate that, at least at soli 





cathodes, copper deposits are not obtained excep! 





at pH 2.4. Deposition at this pH may be the result oi 
mobile equilibrium between the inner orbital ton and 






an outer orbital form, which may be protonated 





Nickel complexes of naphthalenediamines.— It bas 
that the napthalene-1 ,8-diamin 
complex of nickel is diamagnetic (18), while th 





been reported 






1,2 complex is paramagnetic. The difference 
striking in view of the similarities in the formulas 






The complexes are very slightly soluble; with th 
x compound, a solution 0.0006.M in meta! was 
1 aleohol-water, and 0.0009. in |: 
dioxane-water. With the 1,2 compound, a 0.0009! 
solution was obtained in the 






obtained in |: 





f 





alcohol-water, and 





0.0016 with dioxane-water. The difference tn solu 





bilities is in accord with the difference im structures 





The solutions were provided with a slight excess 0 
amine (0.0002./), and were 0.1.M in KNQOs. 

With the 1,8 compound, thin black films wit! 
occasional bright spots were obtained on the cathod 







but the weight increase was less than 0.2 mg. \! 





cathodes which had been previously nickel-plated 





no change in appearance or weight was detected 
With the 1,2 complex, bright, brittle coatings wel 
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sptained at efficiencies ranging from 0.8-4.2%, 
vhich is surprisingly high in view of the low metal 
.oncentrations. - Burning” occurred at the higher cur- 
opt densities. The best deposits were obtained with 
‘he dioxane solutions, no doubt on account of the 
greater metal content. 

With the dropping mercury electrode, polarograms 
howed a well-defined diffusion current at a potential 
ofabout —0.7 volt at pH 6.0 and 10.0. This appears 
indicate nickel deposition; as in solutions contain- 
ng pyridine or thiocyanate, the reduction potential 
. Jess negative than that of the aquated nickel ion 
»). At pH 3.0, a catalytic hydrogen wave is ob- 
tained, as With the cyanide complex (21, 22). 

With the rotating platinum electrode, results were 
dentical with those from a similar solution from 
which nickel was omitted. It appears, therefore, that 
ickel is deposited at the mercury cathode, but not 
at the solid cathodes. 

With the 1,2-diamine, polarograms indicate re- 
duction of nickel at —0.9 volt at pH 2.6, and —1.2 
olts at pH 6.1 and 10.2. Deposition is also observed 
at the rotating platinum cathode. Thus the results 
of cathode efficiency tests were confirmed, that dep- 
sition occurs from the outer orbital complex, but 
iot from the inner. 

lhe tetramethylethylenediamine complex of nickel 
s diamagnetic® and has a yellow color, indicating 

ner orbital configuration. Results were similar to 
those with the 1,8 diamine, indicating deposition at 
the mercury cathode, but not at copper or platinum 
athodes (except as ‘‘flash’’ deposits). 

Copper complexes of dimethylglyoxime.—In hydro- 
chlorie acid solutions, a complex [Cu(DH2)Cl] is 
formed (DH. 


unionized dimethylglyoxime) (23). 
neutral solutions, the complex is [Cu(DH)»], and 
alkaline solutions [Cu(D).|". According to Ray 
md Sen (19), the coordinate bonds of the neutral 
omplex are strongly covalent. The electronic con- 
liguration is therefore probably inner orbital. On 
the other hand, in the acid complex, the bonds are 
veakly covalent and correspond to outer orbital 
onfiguration, 

Current efficiencies were determined in 3:1 aleohol- 
vater, which has been recommended as the best 
solvent 


OO3 1 


24). The solutions were 0.01.M in copper, 
in dimethylglyoxime, and 0.1. in sodium 
wetate. At pH 2, the efficiencies were about 20%, 
and the deposit was a rough, matte coating. At pH 
', the efficiency was about 3%, and above pH 5, 
| Was 0.4%, the cathode remained substantially 
vare. At pH 10.5, the efficiency was still less than 

at pH 11.1 the efficiency was greater than 
Supplied by F. 


Vests 


Basolo and R. K. Murman, North 
University, Evanston, Illinois; magnetic de 
ern tion by 8. Adler. 
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11%, and a rough, dark coating was obtained. On 
nickel-plated cathodes, a powdery brown coating 
was obtained at pH 6.5, but the current efficiency 
was less than 1%; this is therefore a ‘‘flash’’ de- 
posit, and deposition quickly ceased. However, with 
fresh solutions, efficiencies higher than 5% were 
sometimes obtained, although after the solutions 
stood for several hours, the efficiency dropped to 
less than 1%. This may be due to slowness of forma- 
tion of the neutral complex. 

A 1:1 aleohol-water solution saturated with the 
complex was 0.00049 in metal. It was made 0.02M 
in dimethylglyoxime and 0.1. in potassium nitrate, 
and was examined polarographically. The polaro- 
grams indicate that copper is deposited at all pH 
values, and the slope of the plot of EF vs. log ¢/ (ta — 7) 
is 0.03 at pH 11. There are a number of peculiarities 
in the polarograms. 

Apparently only flash deposits are obtained from 
the inner orbital ion, but deposition proceeds readily 
from the outer orbital ion in acid solutions, and also 
in alkaline solutions. At the mercury electrode, how- 
ever, deposition occurs from both ions. Deposition 
at the mercury cathode has previously been reported 
for a number of inner orbital ions such as the acetyl- 
acetonate (25, 26). 

Structure determinations ot copper (IL) ions so far 
show only planar configurations. This has been 
taken as evidence for inner orbital dsp” hybridization, 
and accounts for failure to obtain deposits thicker 
than flash coatings from sulfonated oxine, o-phenan- 
throline, and dimethylglyoxime complexes. Heavier 
deposits are obtained from the pyridine, ethylenedi- 
amine, ammonia, and chloro complexes, and accord- 
ing to the present work, from the acid dimethyl- 
glvyoxime ion. All of the latter ions, according to 
Ray and Sen (9), have relatively weak covalent 
bonds, and are presumably outer orbital. Deposits 
are also obtained from the glycine complex and, of 
course, from the aquated ion. It seems probable that, 
notwithstanding their planar configurations, these 
complexes are of the outer orbital type, and the 
bonds are predominantly ionic. Ray and Sen suggest 
that the hybridization is sp*d. 


CONCLUSIONS 

It has been shown that metal is not deposited in 
thicknesses greater than flash coatings, from aqueous 
solutions of the following: cobalt, nickel, and copper 
complexes of o-phenanthroline; nickel complexes of 
naphthalene-1 ,8-diamine or tetramethylethylenedi- 
amine; and copper complexes with sulfonated oxine 
and dimethylglyoxime. These substances are either 
known to be, or reasonably presumed to be, inner 
orbital complexes. 

On the other hand, deposition is obtained from the 





ti4 


glycine complexes of cobalt, nickel, and copper, from 
the sulfonated oxine complexes of cobalt and nickel, 
and from the acid dimethylglyoxime complexes of 
copper. These complexes are either known to be of 
outer orbital configuration, or may be reasonably 
presumed to have this configuration, even though 
some of them have superficial resemblances to the 
inner orbital ions. Furthermore, zinc, which can 
form only outer orbital complexes, gives deposits 
from all of the compounds tested. 

Results, therefore, are in accord with the rule 
previously proposed (1). Certain inner orbital ions, 
however, give deposits with mercury cathodes, or 
flash deposits on copper cathodes, but deposition 
quickly ceases and thick deposits are not built up. 
Together with the results obtained previously (1), 
present data lend strong support to the rule that 
deposition is obtained only from outer orbital com- 
plexes. 

Some copper complexes are inner orbital, as is 
commonly assumed, but others appear to be outer 
orbital, as Ray and Sen have postulated. 
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Lanthanum Oxychloride Phosphors' 
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ABSTRACT 


Lanthanum oxychloride can be activated to show strong fluorescence under excita 


tion by cathode rays. Bismuth as an activator gives a blue emission extending into 


9° 


the ultraviolet with the peak at 3580 A; antimony a greenish white with the peak at 


1960 A, and samarium a reddish orange emission composed of a series of lines or narrow 
bands, the strongest of which are at 5640 A, 5770 A, 6060 A, and 6510 A. The phosphor 


° 


activated with antimony has a blue emission when excited by 2537 A. 


INTRODUCTION 


Various lanthanum compounds have been shown 
to function as host crystals in phosphor systems. 
[hus it is reported that lanthanum oxide can be 

tivated with bismuth (1) or various rare earth 
elements (2); lanthanum phosphate with silver, tin, 
bismuth (1); 
carbonate 


borate, 
(4); 
wthanum sulfate with cerium or samarium (5). 


lanthanum 
with 


thallum (3), or 
hloride, fluoride, or cerium 
\lso, it has been shown that doubly activated lan- 
thanum oxysulfide is stimulable by infrared (6). 

In this paper phosphors having lanthanum oxy- 
hloride as the host crystal will be described. These 
phosphors are quite stable, and with activation by 

timony, bismuth, or samarium, are remarkably 
efficient when excited by cathode rays. While not as 
right as the best sulfide phosphors, they are com- 
parable in efficiency with the best oxide type phos- 
phors, such as titanium-activated silicates and man- 
ganese-activated zine and cadmium phosphates. 
Neodymium and praseodymium are less efficient 


tivators. 


PREPARATION AND GENERAL PROPERTIES 


lhe method chosen as most suitable for laboratory 
preparation of phosphors was heating of hydrated 
uithanum chloride in air for a fairly extended time. 
ln practice the heating was conducted in two or 
three stages. First a solution of lanthanum chloride 
Ontaining the activator was evaporated to dryness, 
baked, and thoroughly pulverized. A partial conver- 
sion to the oxychloride by hydrolysis occurred. A 
lurther conversion took place slowly by heating in 
urat 600°C, partly by further hydrolysis and partly 
y direct displacement of chlorine by oxygen. The 
odor ‘hlorine was detected in the effluent gases. 
Complete conversion was found to be rather slow. 


\ite 0 hours, 35 % of the product was still soluble 
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| for delivery before the Chicago Meeting, May 2 
to 6 4 


415 


in water, but when heating was extended to 16 hr 
at 600° an insoluble product was obtained which 
contained 18.3 % chlorine compared with 18.6% cal- 
culated for LaOCl. Further heating for one hour at 
1000°C in air had no effect on composition as indi- 
cated by the chlorine content of 18.4%, but in some 
cases it improved luminescent properties. Quite fre- 
quently nonuniform fluorescent response throughout 
the preparation was observed, in which case the 
phosphor was ground and refired at 1000° or 1 100°C. 

Lanthanum oxide from which the chloride was 
prepared was stated by the manufacturer’ to contain 
about 0.05% rare earth oxides, so phosphors to be 
described are far from pure. 

Lanthanum oxychloride is a white crystalline ma- 
terial of definite chemical composition. It can be 
heated for long periods at 900° and for shorter pe- 
riods at higher temperatures without decomposition. 
It is insoluble in water or dilute acids, but prolonged 
contact with water causes some decomposition with 
impairment of fluorescent properties. It crystallizes 
in the tetragonal system and has a characteristic 
layer structure similar to oxychlorides of antimony, 
bismuth, and the rare earths (7). 


LUMINESCENT PROPERTIES 


Table I the 


luminescence of a number of preparations excited by 


summarizes visual observations of 
different sources of energy. The column headed CR 
indicates response to cathode rays produced in an 
evacuated chamber by a Tesla coil leak tester; XR 
to x-rays from a tungsten target at 60 kv; 2537 A to 
the filtered output of a low pressure mercury are and 
3650 A to the filtered output of a high pressure 
mereury lamp. Intensity and color of response are 
indicated by symbols listed at the end of the table. 

Preparations to which no activator had been added 
showed a weak luminescence possibly due to activa- 
tion by contaminants. The results do show definite 
activation of lanthanum oxychloride by antimony, 


? Lindsay Light and Chemical Company. 
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TABLE I. List of typical preparations 


Composition Firing conditions CR XR 2537 A 3650A 
LaOCl 1 hr 1000 F:GW I VF I 
LaOCl:0.05 Bi 1 hr 1000 8:B F:B F:B I 
LaOCl: 0.05 Sb 1 hr 1000 8:GW M:GW  M:B I 
LaOC!1:0.05 As 1 hr 800 M:GW F:GW $s VF:B I 
LaOCl:0.001 Sm 1 hr 1100 S:OR M:OR VF I 
LaOC1:0.01 Sm 1 hr 1000° 8:OR M:OR M:OR F:R 
LaOCl:0.1 Sm 1 hr 1100 M:O M:O M:O F:R 
LaOCl:0.01 Pr 16 hr 600 M: Pk VF I I 
LaOCl:0.01 Nd 16 hr 600° M:Lt.B VF I I 
LarO; 1 hr 1000 F:O VF:O VF I 
LazO;:0.02 Bi 2 hr 600 M:B VF M:B VF 
LazO;:0.02 Sb 2 hr 600 VF I I I 
LazO,:0.002 Sm 30 min 1100 M:O VF VF VF 
LarO;:0.002 Pr 30 min 1100 Ik VF F:O I 
LavO::0.002 Nd 30 min 1100° k VF I I 
LaCl 1 hr 500°—HC1 gas I F:BW I I 
LaCl; 0.01 Bi 1 hr 500°——-HC1 gas I VF I I 
LaClh 0.01 Sb 1 hr 500°—HC1 gas I VF I I 


Key to Symbols: I—inert; VF—very faint; F—faint; M—medium; 8 
strong; Lt.B—light blue; B—blue; G—green; GW—greenish white; O— 
orange; Pk—pink; and R—red 
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WAVE LENGTH (A) 


Fic. 1. Spectral emission of LaOCl: 0.05 Sb 


bismuth, and the three rare earth metals. For pur- 
poses of comparison, some observations on lan- 
thanum oxide and lanthanum chloride are included. 
Oxide phosphors, although capable of activation by 
bismuth or samarium, have different luminescent 
properties from oxychloride phosphors., Lanthanum 
chloride is responsive only to x-ray excitation. Re- 
sponse is not dependent on the added activator, but 
appears to be a property of the matrix or a common 
activating impurity. 

No activation by Ag, Au, Ce, Cr, Cu, Mn, Pb, 
Sn, Ti, Tl, or U was proved. Some of these elements, 
especially chromium, were strong poisons both in the 
‘‘unactivated”’ phosphors and in those containing 
added activators. 

Activation by antimony and bismuth.—The op- 
timum concentration of antimony was found to be of 
the order of 0.05 gram atom Sb per mole of LaOCl. 
Excited by cathode rays, the emission is a strong 
greenish white, composed of a wide emission band 
with a peak at 4960 A, with indication of unresolved 
bands at 5200 A and 5400 A, and a weak band at 
6600 as shown in Fig. 1. These curves were obtained 
with a G. E. Spectroradiometer and ‘‘normalized”’ 
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by replotting, so that maximum intensity is 
for this and succeeding emission curves, 

When excited by 2537 A. the above | 
suppressed and a new band appears in the | 
a peak at about 4100 A. Course of the curve below 
4000 A was obscured by reflected mercury radiatioy 
from the exciting source. There is no indication 
the presence of this blue band in the emission excite 
by cathode rays, but the green band excited py 
cathode rays appears weakly with 2537 A. Whey 
the phosphor is warmed on a hot plate during jy. 
radiation by 2537 A, the emission color changes to 
paler blue, possibly indicating a broadening of thp 
blue band, or more likely that the green band is mor 
stable at the elevated temperature. 


he Same 


inds are 


ue, with 


Bismuth was also found to be a strong activator. 
but the emission excited by 2537 A is a deeper blue 
and visibly weaker than the emission of the anti- 
mony-activated phosphor. A spectral distribution 
curve of the emission excited by 2537 A could not be 
obtained because of interference of reflected mercury 
radiation not removed by a Corning 9863 filter. Th 
emission excited by cathode rays is also a deep blue, 
having in this case a fairly strong visible component 
However, Fig. 2 shows that most of the emission is i 
the near ultraviolet with a peak at 3580 A. While 
there is some indication of the narrow band of w- 
activated LaOC! at 5020 A, the longer wave length 
bands are completely suppressed. 

A few preparations to which arsenic had bee 
added showed a weak fluorescence with both bis- 
muth and antimony bands present. Activation by 
arsenic appears doubtful because of its volatility, 
and the weak luminescence is more likely to be at- 
tributed to traces of antimony and bismuth either 
in added arsenic or in lanthanum oxychloride. 

With cathode ray excitation LaOCi:Sb has a 
strong and persistent phosphorescence, but LaOC!:} 
decays so rapidly that visual detection is difficult 
A few measurements showed the antimony-activated 
phosphor to decay to about !49 of its initial inten- 
sity in the first millisecond, after which it followed a 
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Fic. 2. Spectral emission of LaOCl:0.05 Bi, cathod 
ray excitation. 
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power law with a constant of 1.4 up to about 30 
oe. The fast initial decay was also shown by the 
hismuth-activated phosphor but proceeded to a 
much lower intensity before the power law tail ap- 
peared. 

Activation by samarium, praseodymium, and neo- 
jymium. When unactivated lanthanum oxychlo- 
ide was prepared it showed a rather weak greenish 
quorescence with cathode ray excitation. The emis- 
jon shown in Fig. 3 consisted of a number of lines 
or narrow bands of the type usually associated with 
wre earth activation. However, inclusion of sa- 
marium in the preparations increased brightness 
eonsiderably and shifted the color to a bright orange. 
Strongest cathodoluminescence was obtained from 
preparations containing about | gram atom Sm per 
10) moles LaOCl. Higher concentrations of Sm 
diminish the response to cathode rays and cause the 
phosphor to respond to 2537 A, and to a lesser de- 
sree to 3650 A. It will be seen from Fig. 4 that the 
strongest emission lines are at 5640 A. 5770 A, 
6060 A, and 6510 A. A comparison of solid and dashed 
lines of Fig. 4 shows that there is a close resemblance 
but nonidentity of spectra of the oxide and oxy- 
hloride phosphors activated with samarium. 

Phosphors containing praseodymium and _ neo- 
dymium also showed characteristic cathodolumines- 
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Fig. 3. Spectral emission of LaOCl (solid line) and 


Las, (dotted line) with no activator added, cathode ray 


excitation, 
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Fic 4. Spectral emission of LaOCl: 0.01 Sm (solid line) 


and 1. .O5: 0,002 Sm (dotted line), cathode ray excitation. 


LANTHANUM OXYCHLORIDE PHOSPHORS 417 


INTENSITY 


RELATIVE 











WAVE LENGTH (A) 


Fic. 5. Spectral emission of LaOCl: 0.01 Pr (solid line) 
and La,O;: 0.002 Pr (dotted line), cathode ray excitation. 


RELATIVE INTENSITY 











WAVE LENGTH (A) 


Fic. 6. Spectral emission of LaOC!: 0.01 Nd (solid line) 
and LasO;: 0.002 Nd (dotted line), cathode ray excitation. 


cence, but much weaker than in the samarium prep- 
arations. Emission curves of these phosphors are 
shown in Fig. 5 and 6. Comparing these curves with 
the corresponding curves in Fig. 3, it appears that 
“unactivated” LaOCl contained Pr as an impurity 
since the emission spectra of the two oxychloride 
phosphors are identical, as are the two oxide phos- 
phors, addition of Pr serving only to increase in- 
tensity of emission. Ultraviolet emission of unac- 
tivated oxychloride corresponding to the bismuth 
band of Fig. 2 was either quenched by the added 
quantity of praseodymium, or, more likely, the lower 
excitation intensity used in obtaining Fig. 5 failed 
to bring the ultraviolet band up to a recordable in- 
tensity. 

The neodymium-activated phosphor is interesting. 
In the oxychloride a number of new bands appear, 
the strongest being at 4000 A, 4350 A, 4590 A, 4900 
A, 5450 A, and 6000 A. The visual effect is a pale 
blue luminescence of moderate intensity. The oxide to 
which neodymium had been added had an emission 
quite similar to La,O;:Pr except that a new band at 
4230 A appeared. 


DISCUSSION 


It is of some significance that only the trivalent 
elements Bi, Sb, Sm, Pr, and Nd were found to funce- 
tion as activators. These elements all form relatively 
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stable oxychlorides having crystal structures similar 
to that of LaOCl, and radii of the trivalent ions are 
in no case appreciably larger than that of La**. 
It would thus appear that activator atoms replace 
some lanthanum atoms with a minimum of lattice 
distortion. Samarium, for example, functions ef- 
ficiently as an activator in concentrations as high as 
30 mole %. 

No satisfactory explanation can be offered for 
change in emission color of the antimony-activated 
phosphor from blue with ultraviolet excitation to 
green with cathode rays, and particularly for the 
absence of the blue band with the latter form of 
excitation. Either two types of centers or two energy 
levels in the same center are involved, only one of 
which can be excited to luminescence by cathode 
rays. It is most probable that two types of centers or 
transitions exist In a common matrix, since there is 
no evidence known to the writer of the existence of 
more than one crystal form of lanthanum oxy- 
chloride. It has been suggested (8) that the SbO,Cl, 
group as a whole might be excited by the radiation. 
With one type of excitation, electrons from oxide ions 
are excited and with the other type of excitation, 
electrons from chloride ions are excited. In any event, 
the process producing green emission must involve 
deep traps as evidenced by persistent phosphores- 


cence, 
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It is also interesting to note that the hig 
blue band is excited by photons, while 
energy green emission is excited by ele 
other phosphors having emission colors ; 


T ehergy 


ie lower 
rons ln 
‘pendent 
on type of excitation, such as magnesium arsenat, 
activated with manganese, the emission band having 
the higher energy change in the transiticoy js mt 
produced by the higher energy exciting source, Thy 
reason for the reverse being true with lanthanyy 
oxychloride is not known. 


Any discussion of this paper will appear in a Discuss 
Section to be published in the June 1955 issu 
JOURNAL 
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ABSTRACT 


Cathodic and anodic polarization curves of zirconium in neutral sodium chloride 
83 solution were determined at constant current densities between 3.5 X 10°* and 3.5 X 
10°? amp/cm?. 

In aerated 0.5M NaCl, the cathode reaction occurring below the oxygen limiting 
diffusion current of 2 X 10°' amp/cm? was reduction of O2 to OH~. At current densi 
ties above the diffusion wave, hydrogen was evolved. Change in salt concentration 
resulted in a slight shift of diffusion current due to change in oxygen solubility. In de 
aerated 0.5M chloride solution, the oxygen diffusion current decreased with decrease 
in oxygen concentration. The slope of the Tafel line obtained is 0.12, and the hydrogen 
overvoltage for this system is 0.83 volt at 1 ma/em?. Another wave occurred at 2 « 10-6 
amp/cem? and is explained as the reduction of a surface oxide layer on the metal. 

Anodically, zirconium dissolved in 0.5M NaCl. The dissolution potential, 0.15 volt, 
did not vary with current density. Commercial zirconium and pure hafnium also dis- 
sulved under similar conditions. 

In neutral sulfate solutions, zirconium was passive under anodic treatment. At cur- 
rent densities above | X 10°* amp/em? the potential reached an apparently constant 
2 value in about ten minutes. After a period depending on current density, this was fol- 

lowed by a sudden increase in potential to 28.5 volts. This potential is a result of an J? 

drop across a surface layer of oxide. 

INTRODUCTION drop was across the external resistors, thus mini- 

(his is a study with zirconium paralleling earlier mizing any current change across the cell itself. 


vork with titanium (1, 2). The methods and pro- All potentials were measured with respect to a 


edures used here are essentially the same as those 
ised previously and details may be obtained there. 
Interest in these metals lies not only in their electro- 
hemical properties, but also in the fact that they 
exhibit characteristics of passivity. A small amount 
1 metallic hafnium was available and some results 
vith this metal are also reported. 


Metruops AND MATERIALS 


The direet method of measurement was used, and 
potentials obtained this way include any /R contri- 
butions in the cell. Foremost are those across the 
solution between the metal and reference electrode, 
and those resulting from films on the metal surface. 
(he former were measured and corrections made, 
Whereas the latter are included in the reported polar- 
zation values. 

The polarizing system consisted of several ex- 
ternal dropping resistors in series with the metal 
electrode and a platinum auxiliary polarizing elec- 
trode. With this arrangement the bulk of the voltage 


useript received April 24, 1953. This paper was 
| for delivery before the New York Meeting, April 
«lo 1953. 
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saturated calomel half cell. A vacuum tube amplifier 
was used in conjunction with the potentiometer to 
reduce the current drawn by the measuring system. 
In this way not more than 10-" amp was drawn 
from the cell even when the system was out of balance 
(1). 

Measurements in aerated solutions were made in 
an apparatus permitting simultaneous operation of 
six cells. The electrode assembly of each cell con- 
sisted of the metal, a platinum auxiliary polarizing 
electrode, and a saturated calomel reference elec- 
trode. The three electrodes were mounted in one 
holder such that the platinum electrode was 7 cm 
from the coupon face, and the assembly was sup- 
ported from a beam which was connected to the cir- 
cular stirring mechanism, enabling all three elec- 
trodes to maintain the same relationship with each 
other at all times. The metal specimens were mounted 
in Lucite by a pressure molding process, and these 
wafers were placed in phenolic plastic holders. 

Hafnium-free 98.6% pure with 
1.34% oxygen, the remainder being mostly carbon. 


zirconium? was 


The metal was furnished in the form of punched 
coupons, 1.9 em in diameter and 0.25 em thick. Com- 


* All metal samples used were supplied by the Argonne 
National Laboratory, Lemont, Illinois. 
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TIME (HOURS) 
Fic. 1. Cathodic time-potential curves in aerated 0.5M 
NaCl at 30°C. In increasing curve number: 0, 3.5 & 10-5, 
LS X 107°, 1.8 K 10, 3.5 K 10, 1.8 K 10° amp/em?. 


mercial zirconium and pure hafnium samples were 
machined coupons of the same dimensions. 
Scrubbed air was passed through fritted gas bub- 
blers into the cells. Temperature was maintained at 
about 30°C; stirring was by a circular, vertical path 
mechanism. 
The effect of oxygen concentration was studied in 


‘which was smaller and was con- 


a similar apparatus 
tained in an air-tight box. For this work oxygen was 
not excluded rigorously but was reduced substantially 
below the partial pressure of oxygen in the aerated 
system. Because of the small size of this apparatus, 
only the zirconium electrode was rotated. This re- 
sulted in mechanical blocking of varying amounts 
of the polarizing current during each revolution of the 
zirconium electrode, so results from this system, while 
internally consistent, cannot be quantitatively trans- 
lated to the other. 

Before use, all solutions for the aerated studies 
were either aerated and filtered or pre-electrolyzed 
between carbon electrodes. Solutions prepared in 
either way gave the same results. Only pre-elec- 
trolyzed solutions were used in the de-aeration 
studies. Evaporation losses during a run were re- 
placed with distilled water. No attempt was made 
to buffer the solutions since buffering ions would 
interfere with the electrode process in an unknown 
fashion. Fortunately, this offered no difficulty since 
the observed pH changes during a run were less than 
one unit. The close proximity of the anode and 
cathode, the stirring, and the large volumes used 
account for this buffering action. 

Coupons were prepared by hand polishing on No. 
2 emery paper followed by 150 strokes on No. 2/0 
paper. They were then wiped with lens tissue and 
cleaned with 95% ethyl alcohol.’ 

‘ Referred to as de-aerated systems. 

* Just as a matter of interest, coupons prepared in this 
manner had a roughness factor of 2.6 + 0.4 as determined 
with krypton at —195.8°C 
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measured area. Unless otherwise noted, 4] poten. mal 
tials are steady-state values, which mess here « iad 
constant value for at least four hours. > 
CATHODIC POLARIZATION 64 
Typical time-potential curves are shown in Fig. | 2 06 \ 
cathodic polarization curves for zirconium jn go fie: 
ated 0.5 and 1.0M NaCl solutions are given in Fig. » : " 
Although each point on the 0.5M curve represents 4 
separate determination, two or more runs at may 
current densities were in good agreement. Measyy, a 
ments in 1.0.4 NaCl were made to determine +, 
effect of change in salt concentration. These points FG 
represent constant potentials obtained from oy, ahi 
coupon run successively at several current densities 
Since the current density scale is logarithmic. t} one COl 
open circuit potential cannot be shown. For 0.5) estiga 
NaCl it is 0.018 volt. manne’ 
Two waves appear in the Fig. 2 curves. For th vith 0 
0.5.M solution, one is at about 2 X 10-° amp om same ¢ 
and the other is near 2 X 10~* amp/cem?*. For 1.0) Here a 
chloride the steeper break comes at a lower current One 
density. At 2 X 10-* amp/cm® gas begins to evoly fuorid 
slowly on the zirconium. Although visible bubbles this p! 
do not form on the surface, large bubbles gathe: vas 1 
the wax coating around the edge of the coupon. \t Cat 
higher current densities, visible bubbles evoly erate 
continuously from the coupon surface. After an ey tall 
tended period of polarization in this current density it lov 
region, the zirconium surface darkens considera) since 
If the period of polarization is extended to one ort mine 
days, the surface becomes coated with a layer oi t Wa 
fine black powder. The slope of the straight line | ngor 
this region is 0.15 volt per log unit. exclu 
In many instances it was desirable to determin laine 
the effect of such variables as salt concentration by Hons 
determining only sections of the polarization curv then 
This could most readily be accomplished by running tain 
Zou 
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‘athodic polarization in 0.5M NaCl at 30°C. 
le-aerated; @, aerated; A, open to atmosphere. 


ne coupon at the several current densities. To in- 

estigate the validity of potentials obtained in this 
manner, a complete polarization curve was obtained 
‘ith one coupon. The curves were essentially the 
«me except in the lowest current density region. 
Here a slight amount of hysteresis was observed. 

One coupon was etched in 5.0% aqueous hydrogen 
(uoride just prior to use to determine the effect of 
this pretreatment. The resulting polarization curve 

as not different from the equivalent one in Fig. 2. 

Cathodic polarization curves for zirconium in 
erated and de-aerated 0.5M NaCl solutions, all 
tained in the apparatus designed to permit running 
it lower oxygen concentration, are given in Fig. 3. 
‘ince these studies were performed only to deter 
mine the effeet of changes in oxygen concentration, 
t was not considered necessary to exclude oxygen 
rigorously. The top curve was obtained with oxygen 
excluded as completely as possible; the next was ob- 
tained after completion of the previous determina- 
tions by opening cells to the atmosphere and aerating 
them for an hour; and the bottom curve was ob- 
iained with cells open to the atmosphere and under- 
going continuous aeration. 

The aerated and de-aerated curves are essentially 
the same, the only difference being a displacement 
long the current density axis. Because of the dif- 
lerence in geometry and stirring rates between the 
systems used to obtain the curves of Fig. 2 and those 
lor Fig. 3, no attempt was made to correlate the re- 
sults of the two. 


Anopic POLARIZATION 


Typical time potential curves on 


polarizing in NaCl to constant potential are shown 


anodicaliy 


in Fig. 4a and 4b. (Note different time scales.) Con- 
(rary to the experience with titanium (1), the charg- 
Ing es for zirconium even at lowest current 
densities consisted of two essentially linear portions, 
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the horizontal one being a dissolution potential in 
NaCl solutions. 

The anodic polarization curve for zirconium in 
aerated 0.5M NaCl solution is shown in Fig. 5, 
curve 2. The most important observation is that the 
potential is independent of current density. At the 
lowest current density, 3.5 X 10-7 amp/cm’, the 
surface of the coupon became slightly duller. Coupons 
run at progressively higher current densities ex- 
hibited increasing amounts of surface attack. One 
coupon, run anodically at 3.5  10-? amp/cm? for 
less than 36 hr, dissolved almost completely. Dur- 
ing the course of the run, a large amount of a white 
gelatinous precipitate collected on the bottom of the 
polarization cell. When washed and dried, this pre- 
cipitate turned dark blue. The front surface of the 
undissolved portion of the coupon was black and 
flaky; whereas the back was unchanged and showed 
no signs of attack. An electron diffraction pattern 
of the unwashed coupon surface gave lines corre- 
sponding mainly to the spacings of NaCl. The re- 
maining lines could not be indexed as belonging to 
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any compound of zirconium whose spacings have 
been reported. 

During one of the anodic runs in aerated 0.5.M 
solutions, chlorine gas was bubbled directly over one 
coupon. Although no change in potential was ob- 
served, a comparison of the coupon surface with one 
from an earlier determination at the same current 
density showed that the degree of attack was con- 
siderably increased by the presence of chlorine. 

Curves | and 4 of Fig. 5 demonstrate the effect of 
NaCl concentration on anodic polarization potentials 
of zirconium. The potentials still showed no de- 
pendency on current density but were slightly more 
positive in more dilute solutions. These coupons also 
showed signs of attack, the degree being dependent 
on current density. 

Cessation of aeration during the runs carried out 
in NaCl solutions caused no change in electrode po- 
tentials. 

A study of the effect of hafnium on the anodic 
polarization of zirconium was carried out to deter- 
mine if its presence was an important factor in 
anodic dissolution of zirconium in NaCl solutions. 
Anodic polarization curves were obtained with com- 
merical zirconium and zirconium-free hafnium cou- 
pons (curves 3 and 5, respectively, of Fig. 5). These 
little obtained with 
hafnium-free zirconium. In all cases there is evi- 


show deviation from those 
dence of attack on the surface of the metal in ques- 
tion. 

Curve 6 of Fig. 5 gives results of an anodic polar- 


ization study of zirconium in aerated 0.5M Na.SO, 
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Fig. 5 


Anodic polarization in aerated solutions at 30°C 
In increasing curve number: Zr in 0.7M NaCl; Zr in 0.5M 
NaCl; Hf-containing Zr in 0.5M NaCl; Zr in 0.2M NaCl; 
Hf in O0.5M NaCl; Zr in 0.5M Na.SO, 
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solution. Only a small segment was determined sine 





results of the few points obtained clearly demo 





strated that the metal was passive in the sulfas 





solution. At all three current densities, OXYZen Was 





evolved. After four days, the coupon was removed 








from solution just long enough to observe the sw 





face. No change in appearance was evident. Why 
the coupon was returned to the sulfate solution, thy 
potential immediately went to the constant valu 






showed before the coupon was removed. 





Enough NaCl was added to the sulfate solutio 
to make it approximately 0.5.7 with respect 
chloride. The electrode potential decreased rapidl 
from 1.5 to 0.18 volts, a value approaching that 
obtained with the 0.5.4 NaCl solution alone. 

Higher current density runs were made, in part | 
compare with similar work on titanium (1), and 
part to gain some information on rectifying prope! 
ties of a zirconium anode. The results are given | 
Fig. 6 in the form of a time-potential plot. During 
the first few minutes of the run when the potentia 
had apparently leveled off, gas could be seen evolving 
from the metal surface. However, when the sudd 
increase in potential occurred, gas evolution ceased 
The surface of this coupon was darkened conside! 
ably ; the entire surface was etched slightly, and ther 
were a few deep pits around the edge. 


DISCUSSION 


Cathodic Polarization 


The usual cathodic reactions in aerated aqueous 
solutions containing no foreign reducible materials 
are reduction of dissolved O, to OH™ and reductio! 
of H* to Hy. The complexity of the former 's 10 
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ompletely known; however, it occurs at a less nega- 
sive potential than the latter and thus precedes hy- 
igen evolution as the current density is increased. 
rhs study shows that a zirconium cathode in neutral 
ploride solutions follows this pattern. Up to about 
¥ 10°‘ amp/em? the electrode reaction is reduction 
+(e amet pt perhaps near 2 X 10~* amp/cm’. (This 
yep is discussed later.) The step occurring at 2 X 
0 amp/em? represents the limiting diffusion cur- 
nt density for oxygen under these experimental 
nditions.© At current densities above this value, 
bvdrogen is evolved. The de-aeration experiments 
apported the validity of the assumption that the 
reak represented the limiting diffusion current of 
yvgen 

lhe only effect of changing salt concentration was 

ichange the limiting diffusion current of O.. This 
. proportional to the concentration of the reducible 
aibstance, in this case to the solubility of oxygen in 
the salt solutions used. The observed ratio of 
L(1.0M) 14(0.5M) of 0.7 is in reasonable agreement 

th 0.86 as calculated using known oxygen solu- 

ilities (4 

From the ratios of the limiting diffusion currents, 
the concentration of dissolved oxygen in the de- 
erated solution is calculated to have been 3.1 X 
)°M, or 0.1 ppm. Similarly, oxygen concentration 

the partially aerated run was 2.3 ppm. 

\t current densities larger than the oxygen limiting 
liffusion current, hydrogen is evolved and potentials 
tlow a Tafel relationship for hydrogen overvoltage. 

the aerated systems the electrode potential is 

en by 


k -1.47 — 0.15 log i (1) 


here 7 is current density in ma/cm*. 

lhe pH of the solution was 6.5, from which the 
reversible hydrogen potential on the saturated calo- 
mel scale is —0.63 volt. The hydrogen overvoltage 
alWays given as positive) on zirconium in this case 


n = 0.84 + 0.15 log 7. (11) 


\t | & 10-* amp/cm? the overvoltage is 0.84 volt. 

Calculation based on equating rate of hydroxy! 
production with rate of diffusion would show a 
steady-state pH in excess of 6.5, the actual value de- 
pending on conditions assumed. The constants of 
equation (Il) would change accordingly. For in- 
stanee, if the pH of the liquid film adjacent to the 
electrode were as much as 10 to 11, the value of y 


n unstirred aerated solution the calculated limiting 
density is approximately equal to 10°* amp/em®?. 


Asst g a decrease in diffusion layer thickness from 0.01 
en 1.005 gives an i, about the same as that obtained 
eXpe entally. The thickness assumed is reasonable (3). 
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iat 


at 1 ma/cm? would be between 0.5 and 0.6, and the 
slope of the line about 0.14. However, stirring plus 
neutralization by hydrogen ion produced at the 
anode should combine to keep the pH lower than 
that estimated above. Experimentally, the pH of 
the solution (in the bulk and between electrodes) 
never rose above 7. Attempts were made to measure 
pH within a millimeter of the cathode, and although 
they were not notably successful, such indications 
as were obtained suggest that the pH remained 
around, and certainly did not exceed, 8. In any 
event, evidence here points to zirconium as one of 
the high hydrogen overvoltage metals. 

Values for b in the Tafel equation usually fall be- 
tween 0.09 and 0.13. However, the value obtained 
for zirconium is not unique since high values have 
been reported for such metals as titanium, mercury, 
and lead, among others. 

Hydrogen overvoltage depends on current actu- 
ally involved in hydrogen evolution rather than on 
total current. Consequently, it is better to represent 
the hydrogen overvoltage as the relationship between 
EK and log (J — Za), i.e., total current minus the 
oxygen limiting diffusion current. Such a relation- 
ship results in a line having a slightly less positive 
slope. For the aerated run, the slope at 1 ma/cm? is 
0.12 and the overvoltage is 0.85 volt. 

As mentioned earlier, after hydrogen evolution for 
extended periods of time, the surface of the zirconium 
coupon became black and hard. If periods of evolu- 
tion were very long and evolution was rapid, the sur- 
face became covered with a thin layer of black pow- 
der. Apparently in this region either a hydride or a 
solid solution of the metal with hydrogen is pro- 
duced. Both have been reported for zirconium (5, 
6). Presence of a hydride produced by cathodic treat- 
ment of zirconium has been previously reported 
(7). 

The current density region below the oxygen limit- 
ing diffusion wave is attributed to cathodic reduc- 
tion of O, to OH~. If the polarization curve were 
drawn as the best straight line from the lowest 
current density to the break occurring at 2 K 10~‘ 
amp/cm?*, the slope would be nearly the same as 
that for the hydrogen evolution portion of the curve. 
This indicates that reduction of Os to OH™~ followed 
an overvoltage equation similar to that for hydro- 
gen. However, the step occurring at 2 X 10~-° amp 
em* is definitely present under the existing experi- 
mental conditions. Several possible explanations’ for 
such a break present themselves: (a) changing from 


7 It has been suggested that chlorine evolution or plati 
num dissolution at the anode might contribute to this 
wave. However, calculations show that unless there is a 
peculiar overvoltage involved, neither of these reactions 
should occur at this potential. 
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the two-electron reduction of O. to HeQ.e. to the 
four-electron reaction for the reduction to OH-; 
(b) reduction of some impurity in the solution; (c) 
production of a depolarizer by electrolysis; (d) reduc- 
tion of some metallic component of the system, 
e.g., a surface oxide. 

Experimental evidence for the break indicates 
that it is oxygen-dependent, analogous to the break 
occurring at 2 X 10-* amp/cm*. This suggests that 
the explanation is one involving a step in the reduc- 
tion of O. to OH™~ as in (a). However, the two breaks 
occur at current densities differing by a factor of 
100. Such a difference would mean that if the break 
occurring at the higher current density were for 
the four-electron reduction, the lower break must 
be for a process involving a fractional electron 
change. Thus, this explanation is hardly acceptable. 
For the two breaks to be an indication of a stepwise 
reduction would involve a mechanism probably very 
complex. It is not clear in what manner such a reduc- 
tion would operate. 

Explanation (6) is hardly likely since the solutions 
were pre-electrolyzed with no resulting change in 
the curve. 

If the wave represented the limiting diffusion of 
some depolarizer formed by electrolysis, the time 
potential curves for low current density values (Fig. 
1, curves 1, 2, and 3) would have increased sooner 
the higher the current density, since the concentra- 
tion of the depolarizer being formed would increase 
more rapidly at these higher current densities. In- 
stead, the reverse is observed. This eliminates pos- 
sibilities (a) and (c). 

Thermodynamically, a surface film of ZrO. or some 
other oxide could exist at the potentials observed. 
The existence of such a film at low cathodic current 
densities has been postulated (7). Such an oxide 
film should not be able to withstand cathodic reduc- 
tion at higher current densities, especially in the 
hydrogen evolution portion. Although etching in 
hydrofluoric acid would strip the oxide film from the 
metal, the film could re-form on exposure to a solu- 
tion saturated with oxygen. 

If reduction of a surface film is the explanation 
of the break in the polarization curve occurring at 
the lower current density, film formation must in- 
volve direct surface oxidation by dissolved oxygen 
to explain the data. This is in contrast with the 
work of Moore, McKinney, and Warner (7) who 
postulated reaction of the metal with water to form 
the oxide. 

Hysteresis observed in this region is best explained 
as the result of a surface change of the metal caused 
by hydrogen evolution. 

The cathodic polarization curve for zirconium 
(Fig. 2) is probably typical for zirconium in other 


Just 195% 






aerated salt solutions, unless a specifi 


react lon 






occurs. Thus, any change in type of salt ; 
centration should result only in effects a: 
pH changes or changes in oxygen solu! lity. The 
general shape of the curve should be typical {j, 
other noncorroding metals in similar solutions. 
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Anodic Polarization 






When zirconium is treated anodically in neyty) 
sodium chloride solutions, the metal dissolves, \, 
definite indication of weight loss would be detected 
at lower current densities studied, since the tot, 
amount of electricity passed would cause loss of |e 
than a milligram of metal. At higher current densi. 
ties metal loss was quite evident since one coupoy 
dissolved almost completely in-less than 36 hr. 












No real difference is observed between pure ziy. 





conium, commercial zirconium, and hafnium 
anodic treatment in neutral chloride solutions, 4) 
dissolve at a characteristic potential which remains 
constant with change in current density. Hafnium 
would be expected to dissolve at a potential some. 
what different from that of zirconium. Since th 
potential for hafnium dissolution is more positiy 










than for zirconium, commercial zirconium should 





dissolve at essentially the same potential as the pur 
metal. 






Under similar anodic treatment in neutral! sodium 
chloride solutions, 





titanium was observed to |x 
passive (2). Because of similarity between the metals 
any mechanism for dissolution of zirconium 

chloride solutions should be expected to appl) 
equally well to titanium. Conversely, any mecha- 
nism for passivity of titanium in chloride solutions 
should be expected to apply as well to zirconium 
No explanation for this anomaly can be given. 

Anodic treatment of the metal in neutral sulfat 
solution resulted in passivation with accompanying 
oxygen evolution. If sodium chloride is added to th 
sulfate solution, the metal again becomes active, as 
indicated by the observed sudden decrease in po- 
tential. When such a decrease occurred, the metal 
dissolved. 

The passivity of zirconium in sulfate solutions 
may be explained by formation of a protective layer 
of an insoluble, or only sparingly soluble, oxide 
film on the metal surface.* Actually, at higher cur- 
rent densities a visible layer does appear after 4 
time. The presence of reducing agents or cathodi 
treatment destroys this oxide layer, resulting in los 
of passivity. 

Since chlorine gas bubbled over the zirconium 
coupon had no effect on the electrode potentials, 


* Passivity of zirconium by virtue of adsorbed oxygen !§ 
also possible, but the evidence here provides less suppor 
for that postulate than for the oxidation mechanism 
























































‘ol 101, 


n0 mech, 
ould be 
(j to CU 
olution 
jrconmul 
ntertace 
more pv 
is forme 
oll to | 
which Is 
Large 
eurrent 
parent 
gn ohm 
the po 
served 
ohmic 
yaiue ' 
value. 
ing th 
the or 


ter po 

































































1 193 y 


ACTION 
b cop. 
Irom 
- The 


il lor 





\ 
101, 0. 0 


mechanism dependent on the presence of Cl, 
iid be applicable. This eliminates discharge of 
ci to Cl, at the anode. The mechanism of the dis- 
sjution involves a transfer of metal, in the form of 
opium or zirconyl ion, across the metal-solution 
 sorfaee These ions can form soluble chlorides. As 
-* positive metal ions are transferred, more salt 


mi 
ivi 


formed. The salt can hydrolyze at the solution 
iH to form ZrOs, probably in the hydrated form 
chich is rather stable 

Large positive potentials observed at high anodic 
rent densities in 0.5M sulfate solutions are ap- 
parently caused by a surface oxide layer acting as 
sn ohmic resistance. Thus, as current is decreased, 
the potential should decrease proportionally. Ob- 
vrved potential values would correspond to an 
ohmic resistance of 5.7 X 10° ohms for the higher 
value of current and 7.2 X 10* ohms for the lower 
value. These values are in fair agreement, consider- 
ing the fact that there were voltage oscillations of 
the order of 0.5 volt in the data plotted in the lat- 
ter portions of the curve of Fig. 6. 
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are discussed, 


INTRODUCTION 


Part I reported work regarding hydrogen over- 
voltage on bright platinum (1). In this paper pH and 
salt effects are investigated in greater detail and 
over a wide range in pH. 








Overvoltage-current density relationships at 25 + 


1°C were measured in vigorously agitated solutions 
to minimize concentration overvoltage, and the 






potential drop caused by solution resistance was 
corrected (1). Since use of pseudocapacitance meas- 
urements to determine surface cleanliness of the 









cathode (1) are effective only in acid solutions, it 
Was necessary to modify the experimental technique 
so that cleanliness of the platinum cathode would 





be rigorously maintained during overvoltage meas- 






urements in all solutions. This was done by making 
all measurements in a Teflon cell and by accepting 





only those measurements that met requirements 





which were obtainable only with an unpoisoned 
platinum surface. 













EXPERIMENTAL METHOD 


General experimental requirements, were essen- 
tially the same as described in Part I. Only modifica- 
tions in technique are described here. 

Glass cells introduce impurities into the electro- 
lyte, so the electrolytic cell (Fig. 1) was constructed 
of Teflon. The platinum (99.99%) cathode was a 
small sphere at the end of a short length of wire. 
Apparent area of this cathode was 0.01324 cm’. The 
true area was determined to be 0.0273 cm? by double 


layer capacitance measurements, which gave a 





correction factor of 2.06. The anode, a large platinum 





grid made of several layers of fine mesh platinum 





gauze, was a cylindrical cone with about the dimen- 
sions of the main compartment of the cell. It fitted 







against the inside wall as shown in Fig. 1. Hydrogen 


' Manuscript received September 25, 1953. This paper 
was prepared for delivery before the Chicago Meeting, 
May 2 to 6, 1954 
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Il. pH and Salt Effects in Acid, Neutral, and Alkaline Solutions 
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ABSTRACT 


Hydrogen overvoltage on bright platinum was measured over the pH range 0.5-12.1 
The effects of pH and of added sodium and ammonium ions were determined. Relative 
rates of over-all hydrogen producing reactions at low current densities were deter 


mined for solutions studied. Mechanisms of hydrogen overvoltage in these solutions 
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was bubbled constantly over this surface, the are, 
of which was so large that at the maximum curre 
used for overvoltage measurements, there was neg 
gible polarization (less than 1 mv). This easih 
avoided introduction of oxygen to the electro) 
by the anode reaction. Since the anode is essentis 
an unpolarized electrode, the potential required {v; 
formation of oxygen or oxide at this surface is new 
reached. The oxidation reaction is the ionizatio 
molecular hydrogen. Similar techniques using suc 
an unpolarized anode have been used by Hammeti 
(2) and others. 

Although the anode could have been used as 
reference electrode also, a square of platinum 0) 
em in edge was used. It served a double purpos 
(A) the distance between reference electrode 
cathode was reduced by about one half, which was 
advantageous for interrupter measurements; (B 
two-way check on the potential of the anode and 
cathode could be made on open circuit. The “pr 
polarization” electrode was a strip of platinum placed 
in a remote compartment which could be isolated 
from the main cell by closing a stopcock. 

Capacity of the electrolytic cell was about 15 m 
After the solution had been introduced into the « 
a platinum strip was repeatedly heated white hot a 
plunged into the solution to remove traces of 0! 
ganic matter which may have been present in tly 
solution. The cell compartment was then sealed o 
at the top with molten polyethylene so that ther 
was only one vent (Fig. 1). The solution was furthe 
purified by pre-electrolyzing at 5-10 ma using th 
anode (Fig. 1) and the pre-electrolysis cathode wit! 
the connecting stopcock opened. After pre-electroly 
sis this stopcock was closed. The period ol pre 
electrolysis varied greatly among solutions. In acid 
solutions an overnight treatment was usually suffi 
cient; in neutral solutions the period varied from 
one to several days, and in alkaline solutions som 


cases required a pre-electrolysis as long as a week 





\ 


1 


irange 2.7 to 7.1 were also inconsistent; therefore 


to determine the overvoltage in strongly 


attem 
.aline solutions (above pH 12.1) was tried using 
ified sodium amalgam to prepare the 


niv p 

‘ions, however, it was not possible to obtain 
stent results even after pre-electrolysis periods 
ong as several weeks and increasing the pre- 


; syolysis current as high as 50 ma. Data in the 


bose data are not reported. 


since the solution capacity of the cell was small, 


| pre-electrolysis caused water decomposition and 


} 


vase in hydrogen ion concentration in the main 


mpartment (because of the remote pre-electrolysis 


thode), each solution was analyzed at the end of 


ill 


Before the solution was removed from the 


compartment of the cell for analysis, a satu- 


red calomel electrode was introduced, and the 


circuit potential between it and the platinum 
we (H, electrode) was taken. This potential was 
erted to pH units by the relationship 


pH = (KF — 0.246)/0.059 


here E was the measured open circuit potential 


etween the hydrogen and saturated calomel elec- 


rified hydrogen. 


Kes. 


[he solution was agitated by a rapid stream of 


During overvoltage measure- 


ts the hydrogen rate of flow was increased to 


point where a further increase did not alter 


tential readings. Temperature was maintained 


t25 + | U. 


Since the 


pseudocapacitance test for surface 


eanliness was effective for acid solutions only, the 


owing three requirements were established: 
\ zero potential (+0.5 mv) was maintained on 


pen circuit between the platinum cathode and both 


anode and reference electrodes. This potential 
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Fic. 2. Effect of time on hydrogen overvoltage measure 
ments. (Voltages represent steady-state readings at differ 
ent current densities.) 

was repeatedly checked during a run. For a properly 
prepared solution it was found that this condition 
held for a day. For test purposes, this condition was 
actually met for periods as long as several days. 

2. On application or change of current density 
through the cell, a constant potential between the 
cathode and reference electrode was quickly reached 
and maintained for a reasonable length of time. 
Fig. 2 shows two typical examples of how this con- 
dition was met in properly prepared solutions (the 
short time fluctuations shown for pH 2.2 were due 
to a noisy tube in the recorder). This constancy of 
potential at a given current density was actually 
maintained in many cases for as long as three or 
four hours. 

3. On determination of the overvoltage-current 
density relationship by starting at the maximum 
current density and reducing the current density by 
steps to zero current and then increasing the cur- 
rent density by the same steps to the maximum 
current density, essentially the same overvoltage- 
current density values were obtained. This taking 
of measurements when increasing or decreasing the 
current density was usually done for several such 


cycles. 
pH and Salt Effects in Acid Solutions 


The overvoltage-log current density relationship 
for a series of acid solutions, with all but one con- 
taining sodium or ammonium sulfate, are shown in 
Fig. 3. These results are consistent with data given 
in Part I. (Individual points are not shown in Fig. 
3, 4, and 5 since it was felt that there would be some 
confusion in following each curve; the spread of 
points was the same as shown in the curves in Part I). 
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Fic. 3 

solutions 


Effect of pH on hydrogen overvoltage in acid 










b Values 
0.029 range 0.12 range 


0.026 





pH Solution 


0.205M H.SO, 


0.23M Na SO, 0.026 
0.16M H.SO, 





















1.4 0.25M NaSO, 0.030 0.106 
0.035M H.SO, 

1.9 0.30M (NH,).S0, 0.030 0.115 
0.03M H.SO, 

1.95 0.27M NaSO, 0.030 0.092 
0.025M H.SO, 

2.0 0.265M (NH,).S80, 0.030 0.096 
0.0225M H.SO, 

2.25 0.315M NasSO, 0.035 0.102 
0.02M H.SO, 

2.35 0.34M NaSO, 0.035 0.100 
0.015M H.SO, 

2.7 0.28M (NH,).S80, 0.029 0.107 


0.005M H.SO, 





Starting from different assumptions, both de 
Béthune (3) and Frumkin (4) derived the following 


relationship on the effects of added monovalent 






cations and hydrogen ion concentration on the over- 
voltage: 







— l—a kT c (1) 
a. dn + Dee 







where a is a coefficient between 0 and 1, ¢ is the 


over-all concentration of electrolytes in solution, 






and the other symbols have their usual meanings. 
Assuming a = 0.5 at 25°C, and using activities, 


the following relationship results: 


+ dy ‘) 
aut 






An = 0.059 log (** (II) 
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Fia. 4. 
and alkaline solutions. Sodium ion series. 


Kiffect of pH on hydrogen overvoltage 


Ih neu 











b Va it 

pH Solution 0.12 range 

8.2 0.125M Na SO, 0.138 0.220 
0.04M NasCO 
0.03M NaHCO 

9.4 0.19M NasCO 0.116 ().252 
0.26M NaHCO 

9.6 0.15M Na-CO 0.126 (0) .252 
0.12M NaHCO 

10.4 0.23M NaeCO 0.125 (), 238 
0.083M NaHCO 

10.9 0.5M Na.CO 0.127 () 235 
0.03M NaHCO 

11.2 0.345M NaSO, 0.128 
0.015M Na.CO 

12.1 0.22M NaSO, 0.126 


0.05M NaOH 


where ds: 
and ay+ is the hydrogen ion activity. 

? In the calculation of An, the mean activity, as, ol ! 
added salt 
which 


was used. The correct quantity to use Is 


is unknown. However, since in this invéstigat! 


the mean activities of the added salt are about the sam 


and Aneaic includes the difference in these quantities, th 
effect of the formal hydrogen ion activity far outweighs 


that of added cation activity. If, for example, it is assume 
that the added salt cation activity is ten times that of | 
salt anion activity, then using the 


relationship 4s 
a,a_,a, = 


2.15 ag*. By substituting this value of a, !0 


ag* in the fourth column of Table I, the values o! 4A» 


are increased by 2 mv for the lower pH values and 3 ™\ 
for the higher pH values. Such an increase improves | 


agreement with Anex» 


is the mean activity? of the added salt 
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Vol. | 
‘BLE | Comparisons of calculated with experimental changes in overvoltage caused by hydrogen ion and added salt activities 
Mean activity Mean activity =, r — log Aneale in b = 0.12 | Anexp in 6 = 0.12 
+H Solution coefficient of of added salt S* ti range pH 1.4 range pH 1.4 as base 
added salt y+* ag, = 1.59M y= Gut as base (¢ = 10°? amp/cm? 
a8 0.205M H.SO, 0 
14 0.23M NaeSO, 0.342 0.125 0.0177 
0.16M H.SO, 
{ 0.25M NaeSO, 0.335 0.133 0.0376 0 0 
0.035M H.SO, 
Q 0.30M (NH,4).S0, 0.273 0.130 0.0623 0.025 0) .027 
0.03M., HoSO, 
Q5 0.27M NaeSO, 0.328 0.141 0.0668 0.029 0.025 
0.025M H.SO, 
9 () 0.265M (NH,).SO, 0). 289 0.122 0.0661 0.029 0.033 
0.0225M H.»SO, 
2 D5 0.315M NaeSO, 0.310 0.155 0.0860 0.048 0.050 
0.02M HeSO, 
9 35 0.34M NaSO, ().304 0.164 0.0930 0.055 0.057 
0.015M H.SO, 
2.7 0.28M (NH,).SO, 0). 282 0.126 0.1066 0.069 0.091 


0.005M H.SO, 


‘See reference (5). Sodium sulfate values at 25°C from Pearce and Eckstein; ammonium sulfate values at 0°C from Scat 
{and Prentiss. It was assumed that the presence of the relatively small amounts of sulfurie acid (pH 1.4-2.7) would 
iterially change these values. Conversion of salt concentration from molar to molal units was not done since this cor 


tion would have negligible effect on the results. For example, the ratio (M/m) (where M = moles/liter and m = molality) 


iid be about 1.0025 for sodium sulfate solutions. 


lt was coneluded in Part I that the salt and pH pH and Salt Effects in Neutral and Alkaline Solutions 
elects would be felt where the Tafel slope b ~ 0.12, 
ince the current density at which the change from 
sope 0.029 to slope 0.12 would be determined by 
iydronium ion activity in the double layer. Table I 


Fig. 4 and 5 show the data for n vs. log current 
density curves in neutral and alkaline solutions 
containing sodium and ammonium ions, respectively. 
Whereas in the case of acid solutions there is a 
direct relationship between pH, salt effect, and over- 
voltage (for either sodium or ammonium ion addi- 


shows a reasonable agreement between the calcu- 


ited change in » in the 0.12 range and the experi- 


mental results. The actual agreement between tion), in neutral and alkaline solutions there is a 
Aneie and Anex, would be even better except for complex pH and salt effect which is dependent on 
wo reasons. The first of these is explained in foot- whether the added cation is sodium or ammonium. 
note 2. The second is that values of the mean activity Another complicating factor in these solutions is 
coefficients for ammonium sulfate solutions are at that in the sodium ion series from pH 8.2-10.9 and 
0° rather than 25°C, hence the correct y* for these in the ammonium ion series at pH 7.1 there is a 
j ° . rrea e he " } P as ) ») r* » «¢ ra 
solutions should be a little higher. This, in turn, change in b from 0.12 to 0.24. At pH values above 
vould s] - those indicated there is no such transition in the 
would slightly increase values of Aneaic for the am- ’ . 
' investigated current density range. 

monium 1on series. 


The range at low current density in which there 
is not a linear relation between overvoltage and log 
current density consists of two parts. In the first 
section at the lowest current densities there is a 


In Part I the data indicated that in acid solutions 
there was no significant pH effect in the b = 0.029 
range. This work shows that in weaker acid solu- 


lions containing added salts there is such an effect linear relation between overvoltage and current 
in this range; however, it is small. It amounts to density. (In acid solutions this linear relationship 
“0 m\ over a pH range from 0.5-2.7, or less than holds to the overvoltage value at which the b = 
l(0m\ per pH unit. 


0.029 slope begins.) This straight line portion holds 
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Fic. 5. Effect of pH on hydrogen overvoltage in neutral 


and alkaline solutions. Ammonium ion series. 


b Values 


0.12 range 0.24 range 


0.107 0.20 


pH Solution 
7.1 0.395M (NH,).SO, 
0.0IM NH,HCO, 


7.6 0.325M (NH,).SO, 0.114 
0.01IM NH,HCO 


7 


0.31M (NH,).SO, 0.102 
0.02M NH,OH 


9.2 0.30M (NH,).S0, 0.109 
0.24M NH,OH 








9.3 0.3M (NH,).SO, 0.128 
0.42M NH,OH 


9.9 0.7M NH,OH 0.152 
0.1M (NH,).CO 






10.4 0.75M NH,OH 0.414 












for about '44—'4 of this overvoltage region. The 
second portion of this region, 7, is not linear with 
respect to either current density or log current den- 
sity. 

The relationship between pH and overvoltage for 
all solutions can be seen in Fig. 6. The higher over- 
voltage values for the sodium ion series can be easily 
explained on the basis of the initial reversible reac- 
tions which take place at low current densities. 
This is discussed below. 


DISCUSSION 


Much information concerning the mechanism of 






hydrogen overvoltage on smooth platinum can be 
obtained from a study of overvoltage-current density 





relationships in the range in which overvoltage is 
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Fic. 6. Relationship between hydrogen overvoltag 
pH. « = 0.0025 amp/em?*. 0 


, no added salt; , Na’;@ 
NH, 





-0.06 


-0.05 + + + + 


7. SaaS es aS See SS 









-0.03 


7) (VOLTS) 


-0.02 


-0.01 








re) 0.0008 0.0012 
CURRENT DENSITY (A/cm*) 


Fic. 7. Hydrogen overvoltage in the range in wl 
nis linearly dependent on current density. H 
mett (2); Dolin, Ershler, and Frumkin (6) in NH 
, Dolin, Ershler, and Frumkin in 1NV NaOH | 
, Dolin, Ershler, and Frumkin in LV Nas 
+ 0.05N NaOH (6). O, pH = 0.5; O, pH = 1.9 (NH 
A, pH = 1.95 (Na*); @, pH = 7.6 (NH,*); X, pH =82 
(Na*); @, pH = 10.4 (Na*); @, pH = 12.1 (Na? 


linearly dependent on current density. This occur 
at low current densities, and it is generally believe 
that this linear range is the net result of the reve 
sible reaction at the electrode surface. 

Fig. 7 shows some typical curves in this |imea 
range. Also included are several curves from a stud! 
by Dolin, Ershler, and Frumkin (6) who verted 
the results of Hammett (2) for acid solutions. The 
pointed out that in this linear range i/n (where 
is the current density) is characteristic of the ra‘ 
of the over-all electrode process. 

The plot of i/n vs. pH (Fig. 8) in the linear rang’ 
shows that in acid solutions where the principa 
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gen producing reaction is 


(H,O)+ + e= H+ HO (IIT) 
slow 
H = 4H, 
n)pwos—27 = 0.165 — 0.052 pH. (IV) 


'; relationship is unaffected by the choice of 
yr sodium or ammonium ion as the added salt 
ion. oS 
» neutral and alkaline solutions the change in 
» rate of the over-all reaction where 7 vs. 7 is 
ar can be considered as virtually independent of 
This is expected since the hydronium ion con- 
tration is then so low that its rate of reduction is 
jigible. Here the principal hydrogen-producing 
tion would probably be 


slow 
HO + eH + OH (V) 
H = 14H. 


lig. 8 shows that in the presence of sodium ion the 
ative rate of the above over-all reaction in neutral 
dalkaline solution is about 0.016, whereas in the 
esence of ammonium ion the value is about 0.033 
roughly twice the rate found for sodium ion solu- 
us. This can be explained on the basis of retarda- 
(V). With 
monium ion, Weakly ionized ammonium hydrox- 
¢ is formed, reducing hydroxyl ion activity and 
ereby causing an increase in the over-all rate of 
drogen production for a given value of overvolt- 
re. Sodium ion does not alter the OH 


of the reverse reaction shown in 


activity. 
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Fic. 9. Relationships between buffer capacity, pH, and 
hydrogen overvoltage. @, 7 vs. pH, NH,*, O, » vs. pH, 
Na*, 0, vs. pH, H* only; in all three of which 7 = 0.00032 
amp/em?; H.SO,/NH,OH system [see 
Reference (7), pp. 237 and 249]; x vs. pH, HCO; 
NaOH system [see Reference (7), pp. 237 and 249]. Ky = 
ion-product constant of water = 


constant NH,OH = 18 X 10-5; K, = Ist dissociation con- 


x vs. pH, 


10°“; K, = dissociation 


stant H.CO, = 4 X 10-7; Ke = 2nd dissociation constant 
HCO, = 5 XK 10°"; K,, = 2nd dissociation constant H.SO, 
= 10°*; r/2.3 is in terms of unit concentration. 

In Part I it was hypothesized that there were two 
parallel hydrogen-producing reactions which could 
take place at all current densities on a platinum 
surface. These are given as mechanism (II1) and (V) 
above. In acid solutions at low current densities the 
concentration of hydronium ions at the interface is 
high enough to maintain the current without dis- 
charge of water; therefore, mechanism (III) would 
be rate-controlling. When the current density is 
increased so that depletion of hydronium ions re- 
duces the over-all rate of (III), the over-all rate of 
(V) becomes controlling. The overvoltage at which 
this shift in rate-controlling mechanisms takes place 
can be determined experimentally from a shift in 
Tafel slope from 0.029 to 0.12. 

Data in Fig. 8 confirm this hypothesis since they 
show that at ay* = 10-°7, the rate of mechanism 
(IIT) is of the same magnitude as mechanism (V). 
Fig. 3 shows that the change in Tafel slope from 
0.029 to 0.12 takes place at metal-solution interface 
hydrogen ion activities of 10-*-10-*. It is also sig- 
nificant that the overvoltage at which this break 
in the curve occurs is lower for solutions containing 
ammonium ion than for those of about the same 
pli containing sodium ion. Another interesting con- 
clusion from Fig. 8 is that the reaction rate of the 
over-all reaction in the most acid solution is only 











132 JOURNAL OF THE ELECTROCHEMICAL SOCIETY A 


5-10 times higher than the rates in neutral and 
alkaline solutions. 

The difference in the comparative over-all reac- 
tion rates of solutions containing ammonium and 
sodium ions is also reflected in comparative over- 
voltage values at higher current densities. This is 
borne out by Fig. 6, which shows that in neutral and 
alkaline solutions at constant current density and 
at the same pH, overvoltage values for the sodium 
ion solutions do run considerably higher than for 
ammonium ion solutions. 

The Tafel a is determined in the overvoltage 
range before b reaches 0.12. This displacement in 
overvoltage is then fixed by activities of the reac- 
tants at the cathode surface at low current densities. 
For the reversible hydrogen electrode the potential 
at low current densities is determined by the hydro- 
gen ion activity at the electrode surface. For this 
reversible range the Nernst relation between pH and 
the electrode potential holds. 

Use of the concept of buffer capacity can be of 
some help in understanding the effects of pH on 
overvoltage. The buffer capacity of a solution with 
respect to a particular solute is discussed in detail 
by Ricci (7) and is defined by him as the change in 
concentration of that solute required for a unit 
change in pH of the solution. Or, 


x = | db/d pH 


where x is the buffer capacity and b is the concentra- 
tion of added acid or base. 

The buffer capacity is equal to the reciprocal of 
the slope of the acid-base titration curve. For ex- 
ample, at an active cathode hydroxy] ion is formed 
at a rate dependent on current density. At very low 
current densities the effective activity of the hy- 
droxy! ion, which is formed at the solution interface, 
depends on the buffer capacity of the solution. The 
measured overvoltage is in turn a function of the 
effective change in hydroxy! ion activity from that 
of a cathode-solution interface at zero current. 

In this investigation, solutions of the ammonium 
and sodium ion series were used. Comparative rela- 
tionships between buffer capacity, 7, and pH for 
these two systems, and plots of overvoltage vs. 
pH are shown in Fig. 9. These curves represent a 
low current density (0.00032 amp/cm?) so that the 
pH at the active electrode surface would not be far 
removed from open circuit values. In this way a 
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fair comparison between pH, n, and x can je made 
The data show that an inverse relationshi) between 
buffer capacity and overvoltage holds for cid and 
neutral solutions, whereas a direct re tionship 
exists between these factors in alkaline so ‘tions, 
In acid solutions, at a given current density and at 


a given concentration of added ammonium «) sodium 
ion, three cases are possible. In the first two Cases 
there is either a linear 7 vs. 7 or 9 vs. log 7 relation. 
ship with b = 0.029. The first case is for solutions 


with high buffer capacity where An is independent 
of pH; the second case is for solutions with no 
buffer capacity, where An is dependent on pH with 
An < 0.059 pH. The third case occurs for b = 0,19 
where An = 0.059 pH. Here, » is independent of 
buffer capacity because the current density at which 
there is a change to the 0.12 slope is relatively high, 
and any initial buffer capacity at the interface of 
the electrode and solution is depleted. 

In the neutral and alkaline range when there is 
no buffer capacity, An is dependent on pH. If there 
is a high buffer capacity there evidently will be only 
a slight dependence of Ayn on pH. 
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